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I. IMTRO0UCTIOK 
It has been known for at least fifty years that iron 
forms colored confounds in solution with sulfosalicylate 
(1). Ihese complexes have been used for the determination 
of iron colorimetrioally (2-26) and oonductimetrioally (27), 
and indirectly for the colorimetric determination of borate 
(28) and fluoride (29,30). They have also been used for 
the separation of iron from titanium, aluminum, manganese, 
magnesium, thallium, uranium and phosphates (31-35). 
However, very little waa known about the identity and sta­
bility of these complex ions. Although the yellow colored 
complex (alkaline solution) has been moat often used ana­
lytically, less was known about it than about the red-
violet colored complex (acid eolution). Some have thought 
that the yellow color of the alkaline eolutione was caused 
by the breakdown of the red colored complex to form col­
loidal hydrous ferric oxide (30,36). This however does not 
seem consistent with the fact that in alkaline solutions, 
at the same pH and ionic strength, ferric ion is much more 
soluble in the presence of sulfosalicylate than in its 
absence. 
The polarographio method has been found suitable for 
the study of other iron complexes by other authors, since 
ooliiplfijj'ss have Mlf-%rave pottJiUala thati fall ijJltihin 
th® polay^graphlo range CO to -1,8 volts tarsus saturated 
aaXomsl, electrode) • IMg method was found most applioabXe 
in this oat© to the steady of the srello'.^ oolored coHiplex, 
a® her# the f®rrlo ars laor® t.han toe calosa©! 
electrode, m that the half-^feraif® pot;??nfeiala may ba used In 
tH© afiadjf' of the oo^pX^^ ions. -Hao the ferrous mve is 
deTslopsd sitor© ooi^pXet^X;^, without; tto,s iafc@rfer®no© of ths 
h^^rogiiw ion for a^easons, and because thero 
mi less km'm about ^@llo¥ oolor«<i oo3s|>ls:st, the present 
rtstaroh, for the most part, has bsesa oonoerned with th© 
Iron-salroaaliejlat® mmpl&x In alkallise eolation. 
%© tis so elation sonstants of sal fo sail o^'llo aoid 
W!sr0 iknom onlf in verj roagh approximation (3D,5?,38). 
As &h» knoMledg© of th& seeonS Oisaatant would aid In the 
intei^rstatiCfn of th® ¥?4riatlon of tht iron-sulfosaiioyliit® 
oofflplex®0 with pH, a short aptctraphotomiatrle study of this 
oonatant wa srjade and th© r©suits are r©port®d hsr®, a® 
this looilotion is qqlve strofig, onl^ a roug^a estimate 
ooald l3@ mMei fro.® poteritlosstrio pH curves. However, th© 
abacrptlori of ultravlol^at light by the alngly and doubly 
Ionized Ions are quite cliffsrssnt and this 
permitted & dstsrsinatlon of the a^aond: oonsCant from this 
property of auXfoaaiicyllis aeld golutlona^ 
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II. BSTIEW OF IHE LI!fERA'rURE 
A, Polarographlo Method for Complex-.Ion Study 
The method used was essentially that firat descrlbecl 
by Heyrovsky and IlkoviG in 19S5 (39). The half-wave po­
tentials of series of solutions In which all factors except 
ooncentratlon of coisplexing agent were kept constant were 
plotted against the logarithms of this oonoentration. The 
slope of the straight line obtained was proportional to 
the tiuaiber of jaoleoules or ions of coiflplexing agent combined 
with the meteil ion in the complex, and the intercept' with 
the axis coi'reaponding to the half«.v?ave potentlel. of the 
uncoiaplexed raetal ion was a function of the inatafoility 
constant of the complex ion. '&© method will be described 
in further detail in Section V. 
This method was described rather completely by Tom^s 
(40), Stackelberg (41), Stackelberg and Preyhold (42), 
Kolthoff and Lingana (43), Lingane (44), and' most recently 
by Souohay and Faucherre (45). Tomea was mainly interested 
in the study of the dlasooiation of a weaJs electrolyte. 
He developed the equations for the two extreiae cases with 
regard to the concentration of the anion of the salt. The 
first case was that of a weak electrolyte in solution with 
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a Supporting electrolyte that does not contain ions that 
are oommon to the weaK electrolyte. In this case the con­
centration of the anion of the salt studied, corresponding 
to the Gomplexing agent, was negligible. He found theoret­
ically that the wave in this cas© is not aymmetric as it is 
in the reduction of a free metal ion, the slope of the 
wave is lees, and the half-wave potential varies with the 
concentration of the weak eleetrolyts, in contrast to the 
case of the free iaetal ion in which the half-x-jave potential 
was an Independent constant for a given metal ion. He 
tested this theory saooessfally on mercuric cyanide. 
The second case described was that in which, the sapport-
ing electrolyte had the anion in coutiijon with the weak else-. 
trolyte. This was the saois aa the method used generally for 
the study of complex ions, in which the half-wave potential 
varied with the concentration of the total cofflplexing agent. 
Staokelberg's paper on the scientific basis of polar-
ography had a short section on the evaluation of complex 
ions with the half-wave potential method (41). It was more 
completely treated in the later paper of Stackelberg and 
Freyhold (42). They liated the limitations of the method, 
the moat serious of which is the neceesity of reversibility 
of the reduction. If the reduction is irreversible, equi­
librium is not maintained between the complex ion and its 
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simple ioia, so that an o-vervoltage is required. The poten­
tial Is then not a true measure of the stability of the 
compleK. The most reliable test for reversiljility, acoord-
ing to these authors, is the comparison of the anodic wave, 
from the oxidation of the reduced form of the complex, xirith 
the cathodio wave caused hy the reduction of the oxidized 
•form of the complex. Reversibility is proved only if these 
waves coincide on the potential scale. If one of them is 
displaced with respect to the other, the oxidation-reduotion 
system is irreversible and is useless for the atady of the 
stability and composition of the complex by polarographio 
means, iilso, uatially the slope of the i^ave is less than 
the theoretioal value when the redaction la irreversible, 
and tilis has been used by Lingane and others as a criterion 
for reveraibility. Staekelberg and Freyhold stated, however, 
that this is not reliable, a.nd cited the case of z.incate 
that they studied. 'Ihe reduction wave of sin cat e was well 
formed and had the theoretical slope, and its half-wave 
potential varied regularly with hydroxyl-ion concentration, 
giving the expected value of four for the namber of hydroxyl 
ions necessary for Its formation. However, the instability 
constant for the coiaplex obtained polarographioally differed 
greatly from reliable values obtained by other methods, 
»ihen zinc amalgam was used in the dropping electrode, the 
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anodic wave was found to have a oonsiderably different 
half-wave potential from that of the oathodlo wave. This 
showed irreversibility, which explained the discrepancy 
in the values for the instability constants. 
Another liniitation of this method 1B that the solution 
must be either buffered with respect to the complexing 
agent, or have a high concentration of complexing agent 
in comparison with that of the complex ion if complexing 
agent is liberated or taken up in the reduction. This has 
been neglected by some workers, causing their results to 
be unreliable, 
A third limitation is that since a rather high con­
centration of supporting electrolyte must be maintained, 
the ionic strength must of necessity be high, this meana 
that the activity coefficients vary considerably from 1 and 
the instability constants obtained are good for that ionic 
strength only. Also, because of departure of the polaro-
graphic wave from the ideal shape, the accuracy of the in­
stability constant is quite laiff, because of uncertainty of 
the half-wave potentials. 
Another limitation that was pointed out in the exten« 
slve study of the copper ammine complexes by Stackelberg 
and Freyhold is that because of the necessarily high con­
centration of the complexing agent in compariaon with that 
of the complex ion, the lower coiaplexeB of the metsl ion 
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(ones with fewer moleoales of complexing agent) are often 
not observed. Generally then only the higher complexes 
of the ions can be studied. 
One of the syeteme described briefly in this paper 
was the zinc oxalate system. This on© was found to be 
obviously irreversible. I'he polarographic treatment of 
this complex by Sartori (46) was reported by these authors 
to be incorrect. 
In the investigation of the iron fluoride complexes 
it was found that the reduction of the ferrous complex to 
the metal could not be observed polarographically. Because 
of the great stability of the complex the half-wave potential 
is shifted to a value more negative than the polarographic 
range. The ferric-ferrous potential was investigated how­
ever, from which was obtained the ratio of the instability 
constants of the complexes in the two different oxidation 
states. Analogous conditions were observed with the iron 
oxalate system. A very thorough analysis of the copper 
chloride complexes was also reported in this paper. 
Kolthoff and Lingane (43) have devoted a chapter of 
their monograph on polarography to the description of the 
intejpprstation of the polarographic waves of the metal-
ligand complex ions and the derivation of the basic equations, 
Extension of the method to cases where one complex ion is 
8 
reduced to another oomples ion, where a oosaplex ion is 
reduced in a stepwise manner, and where the complex ion 
oonaiets of a neutral weak electrolyte were desori"bed in 
this chapter. Examples that la-ero given of systems that 
had been examined by this method were the telplumhite sye-
teia, studied fey Lingane (44) , the ferric and ferrous 
oxalate system, by Stackeltaerg and Freyhold (42) and by 
Lingane (44), the copper ammine system by thee© same 
authors (42,44), and the merourio cyanide system by 
Tomes (40). 
fhe paper by Lingane (44) in Ghemioal Reviews had 
essentially the eame material as the chapter in Kolthoff 
and Lingane (43). A description waa included of cases 
having se's'eral irreversible waves for on© actual reduction 
stage, caused by the existence of several complex ionic 
species in solution that are only slowly transformed from 
one to the other, M example cited was the zinc-cyanide 
comple» Ions studied by Pines (47), The polarograrae for 
theee complexes have three waves at low cyanide conoentra,. 
tion. They disappear one by one when the cyanide oonoen~ 
tration is increased, until finally there are no waves at 
high cyanide conoentrationa. Obviously, this cannot be 
reduction to succesa^v© oxidation states, aa zinc has no 
known monovalent salts. Aiao, there are three waves, more 
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than could be accounted for by stepwise reduction. It 
was thought that the waves represent the unoomplexed zinc 
ion, tetraoyanozlno and pentaoyanozino ions which are only 
slowly interconverted, and that at high cyanide ooncentra-
tions only the hexacyanozinc ion, which is not reduciVle 
in the polarographic range, exist®. Also mentioned were 
similar cases of trivalent goldcy&nide complex ions 
studied by Herman (48) and the prewave observed by 
Brdicka in. the reduction of cobaltoue chloride (49). 
Souchaj and Faucherre ( A B )  described the tangent 
potential method of polarographic study of complex ions 
that was used prior to about 1935, before the thermody-
namic significance of half~wave potentials was known, as 
well as the half-wave potential method now generally used. 
The former method, first used by Heyrovsky (60) , consists 
of obtaining the potential of the curve where it is tangent 
to a line with slope of one, both with and without complex-
ing agent. By means of the Hernet equation the concentra­
tion of the free metal ion in the complexed solution could 
be determined from the difference in potentials. The con­
centration of the complex ion was then determined by dif­
ference. By trial and error substitution into the mass 
action equation the number of molecules of complexing agent 
per metal ion could be determined, and the average 
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instability constant calculated. Souohey and P&ucherre 
generalized tiie half-wave potential method so that the 
data obtained at the 45® tangent could be used instead 
of the half-wave potentials. Generally any desired poten­
tials could be used, as long as all of the potentials are 
taken for the same ratio of current to limiting current. 
They illustrated this method using the tangent potentials 
obtained by Dobryszycki for the cadmiuni and zinc aminlnes 
(51) and by Pines for the oadmium-cyanide complex ions 
(52). ""fhey pointed out that this method has diaadvantagee 
that are not present in the half-wave potential method. 
The measurement of potential ig in general less accurate, 
as it is easier to construct the half-wave potential. 
Also variation of the wave height may be considerable, as 
illustrated by the copper-tartrate complex ion in 0.1 M KOH 
solution which varies fro/n 97 to 39 mm. when the concentra­
tion of tertrate is changed from 0,004 M to 0.2 M. This 
causes uncertainty In the measurement of tangent potentials. 
However, the authors of this paper reoommended it in cases 
where there is a pronounced maximiim, which makes the half-
wave potential uncertain. In many of these cases the lower 
half of the curve is unaffected by the maximuia, so that the 
tangent potentials are here more accurate than half-.wave 
potentials. They illustrated this by data they obtained 
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with iDissiuth-niannltol and basic antimony-mannitol complex 
ions. As examples of the half-wave potential method the 
study by Lingane of the stannous-chloride complex ion (53) 
and their own study of the cadiniam-.pyrophosphate system 
were cited. 
It was pointed out that in the case of stepwise re­
duction of complex ions having more than one ionic oxida-
tion state the data from the first wave gives only the 
ratio between instability constants of the complexes in 
the two oxidation states and likewise only the difference 
in the number of molecules of complexlng agent in the two 
complexes. Ihe absolute values may be obtained from these 
if the succeeding steps in the reduction are capable of 
treatment by the same method. Thus the final reduction to 
the metallic state gives the constants, for the amalgeiii 
does not contain complex ions of this nature. Neglect of 
this has made the results of Gaglioti and Gartori on the 
titanic-tartrate complex ions (54) useless according to 
Gouchsy and Faucherre. 
This paper also contained an extensive section on the 
principal causes of error in polarographic studies of com­
plex ions. The most frequent of these is irreversibility. 
The criteria mentioned in the discussion of the paper of 
Stackelberg and BYeyhold (42) were also listed by these 
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authors. 
There seems to be no way to predict whether a system 
will "be reversible or not by analogy with very similar 
systems. Cited vras the irreversibility of iron-citrate 
complex iona in alltaline mediam in contrast to the iron-
tartrate complex ions in alkaline medium, which are re­
duced reversibly. Also in alicaline solution antimony-
tartrate complex ions are reduced irreversibly, while the 
corresponding complex ions with raannitol are reduced re-
vergibly. However, some general rules were stated. One 
ia that above a certain concentration of reducible ion the 
waves are always irreversible. This maxlmain concentration 
is a function of the individual ion, but seldosi varies 
greatly from a few ailliraoleg per liter. Also, the con­
centration of the complexing agent affects the reversibil­
ity, the reduction of the ion generally being irreversible 
in the presaence of very large concentrations of oomplexing 
agent. Some metals, such as copper, oadtalum, and lead have 
complex ions isrhich are generally reduced reversibly, while 
the complex ions of niclcel and cobalt, for example, ar® 
almost always reduced irreversibly. In the case of nickel 
and cobalt even the aupooeedly uncomplexeS ions yield waves 
with small slopes and all the other eharacteristics of 
irreversibility. This was attributed to slowness of the 
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aquo Ion in breaking dom to the unhydrated ions that are 
reduced at the electrode. In concentrated chloride solu­
tions the wave is better formed, probably because the 
chloride cofaplex ion is more reversibly dissociated than 
the aquo complex. The thiocyanat© complex, however, haa 
the best xiraves, with the theoretical slope and more posi­
tive half-wave potential than the aquo coiuplex. 
Several exaniples of published work that is incorrect 
because of irreversibility of the systesns were described. 
They found that the zinc-pyrophosphate waves were obviously 
irreversible, showing that the work on this syateiB by Sartori 
(46) is valueless. Also, the same author studied the nickel-
cyanide complex ions, using concentrated chloride solutions 
as hie uncomplexed nickel solutions (55). However, ae 
shown above, the waves of the nickel chloride solationa are 
more negative thaji those of nickel in thlocyanate solutions, 
in which nickel is known to be complexed. This means that 
the nickel in the chloride solutions must be complexed by 
chloride, or else the reduction from this solution is ir­
reversible. ^ULso, it was later shown by Hokhshtein (56) 
that the cyanide ions affect the anode potential of laeroury 
pool. Souchfty and Faucherre used an external reference 
electrode for this system and found that the half-wave po­
tentials did not vary with concentration of cyanide, which 
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X B  an anomaly showing irreversibility. The redaction of 
cobalt in. cyanide solutions was more evidently irreversi­
ble, as the slope was quite small. This laeans that the 
cobalt-cyanide data reported by Sartori in the same paper 
is also useless. 
Mother source of error is trying to draw conclusions 
from data over too limited a range. These authors stated 
that the conoentration of the oomplexing agent should be 
varied at least by a factor of ten, so that the potential 
may have a range of at least 59xp/n millivolts (p is 
nuKiber of iona or molecules of oomplexing agent per mstal 
ion, n is the number of electrons needed for the redaction 
of one complex ion). Here again the three cited papers by 
Dartori and Gaglioti were in error, for in general they var­
ied their concentration by a factor of tv/o, giving such a 
short range of potentials tnat almost any conclusions could 
be drawn from the data. Solubility and reversibility dif­
ficulties often put a rather sever© upper limit on the con­
centration of the coiaplexing agent, while the lower limit 
is of necessity bounded by tne concentration of oomplexing 
agent necessary to prevent appreciable variation of this 
concentration due to the amount of oomplexing agent which 
is liberated during the reduction at the surface of the 
electrode, Caglioti, Sartori, and Bianchi (57) neglected 
this last requisite, with solutions in which the ratio of 
3.5 
trimetaphosphafce to zinc was only about two. To further 
raske this work Inaccurate, the stability of the complex 
is loi'j. These two factors coinbined caused tho concentra-
tioii of free zinc ion to be appreciable in ooaiparlson 
with the complex ion, making the basic equations invalid 
in thia case. 
A third oom;Bon cause of Qrror in coiiiplex ion studies 
is the neglect of ionic strength. Oare laust be taken to 
keep the ionic strength constant by varying the supporting 
electrolyte inversely as the complexing agent, or by hav­
ing Quch a large ionic strength that the variation of the 
complexing agent concentration causes insignificant changes 
in the ionic strength. Oaglioti, ^sartori, and Bianchi (57) 
have neglected this require^iient also. In their study of 
the trimetaphosphate complexes of lead, zinc, and aanganeee, 
they allowed the concentration of trimetaphosphate to vary 
from 0.05 to 0.3 M. in the presence of 0.1 U chloride as 
supporting electrolyte. Since the complexing agent is tri-
valent, a large change in the ionic strength occurred, the 
largest concentration having about twenty tiaies the ionic 
strength of the smallest. Bouchay and Faucherre used the 
same concentrations of trimetaphosphate and metal ion as 
they did, bat had a supporting electrolyte of saturated 
potassium chloride. The potentials they obtained were 
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essentially oonstant with metaphoaphate oonoentration, 
^hioh Indicates that trimetaphoaphate had negligible oom-
plexing action on these ions. The variation in potential 
Jfehat was attributed to the oomplexation by Sartori and co­
workers was caused solely by changes in ionic strength. 
Souchay and Paucherre generalized the half-wave 
potential method to include ions in which there are two 
or more different oomplexing agents participating, and 
ions which include more than one metal atom. With regard 
to the first case, the quantity p could readily be deter­
mined for each of the complexing agents if the concentra­
tions of the others were kept constant, ^Chis is not 
always possible in practice, for example, in studying 
complexes in which anions of weafe: acida and hydroxyl ions 
both participate. Upon variation of the pH, the ionic 
speciee of the acid also changes in certain pH ranges. 
In the second case they found that the slope of the 
curve of half-wave potential plotted against the logarithm 
of the ooncentration of complexing agent is -0.059p/mn 
(m is the number of metal atoms in the complex ion), and 
the slope of the line of half-wave potential versus the 
logarithm of the metal ion concentration is -0.059(l-l/m)/n. 
This latter slope does not allow any great acouraoy in the 
determination of m, as the difference in potential only 
doubles over a given concentration range when m is varied 
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frona 2 to infinity for a bivalent metal ion, ^is dif-
ferenoe in potential when m is Infinity is only 30 milli^ 
volts for a tenfold change in concentration of the metal 
ion. Also J the probability of finding a complex of this 
type that is reversibly reduced is very low, 
Souohay and Fauoherre illustrated these principles 
with their study of tartrate raannitol complex ions in 
strongly alkaline solutions, where hydroxyl ions also take 
part, and where it has been shown that some of the com­
plexes contain more than one metallic atom. At pH values 
above 14, KOH-KGl solutions were used as supporting elec­
trolyte. Between 10 and 14, carbonate-bicarbonate and 
oarbonate-KOH mixtures were used, A borate buffer waa 
used for the pH range of 8-10, 
In no case was variation of the half-wave potential 
v7ith metal ion concentration observed, even though it had 
been expected in the case of the copper-tartrate coraplexee, 
which have been shown to have ions with several copper 
atoms by cryoscopic methods, They explained this by say­
ing that the oryosoopio mrk was done with high concentra­
tions of copper, while the polarographic work was of nec­
essity done with low concentrations. Evidently the multi­
ple complex was depolymeriaed in more dilute solutions into 
single complexes. 
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The results obtained with lead indicated that it formed 
a complex with carbonate which is more stable than that 
with tartrate, so that very little could be determined from 
these polarograms about lead-tartrate complexes. Three 
hydroxyl ions and one mannitol molecule took part in the 
formation of the copper complex, giving MOOuO"" with the third 
hydroxyl ion neutralising the hydrogen ion of the mannitol 
replaced by the copper. The copper-tartrate complexes 
seemed to have only a single dependence on hydroxyl ion be­
low a pH of about 10, two hydroxyl ions taking part at 
higher pH values. There seems to be only one tartrate ion 
in the complex. For cadmium-tartrate complexes two 
hydroxyl iona take part at higher pH, none appear in the 
lower range. Only one tartrate appears in the complexes. 
Antimony and bismuth were found to react xsrith three 
hydroxyl ions and one mannitol to form dihydroxy mannitol 
complexes. Pyrocatechol requires only two hydroxyl Ions 
for its antimonj^l conaplex, as the pyrocatechol is doubly 
ionized at this high pH, 
The ferric-tartrate complex at high pH was found to 
require three hydroxyl iona and three tartrate ions for 
its formation. The hydroxyl ions are considered to neutral­
ize the hydrogen ion removed from one of the carbinol groups 
in the tartrate. The ferrous-tartrate complex contains one 
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hydroxyl and two tartrate ions. This differs from the 
polarographic study of Toropora who found ferric mono-
tartrate and ferrous ditartrate as the complexes at high 
PH (58). 
B. Iron Sulfoaalicylate and Related Complexes 
Sulfoealicylic add was first prepared by Cahours in 
18^5 (5^) and first extensively studied by Mendiua in 1857 
(60). Both of these authors prepared the acid by treating 
salicylic acid with sulfur trioxide. Later Remsen (6l) 
prepared it more simply by warming salicylic acid with con­
centrated sulfuric acid. The reaction in this way goes' to 
completion. 
The acid and some of its derivatives have been studied, 
rather thoroughly for their pharmaceutical properties 
(62-65). Its mercuric and airconyl salts have been used 
for theoretical studies of sols and gels (66''-70), It has 
also been used for the precipitation of proteins (71,72) 
and for the determination of sulfa drugs in blood (73)« 
Its titanium complexes have been used for the separation of 
this element from aluminum, chromium, magnexium, manganese, 
and phosphates (31-33* 7^). The uses of its ferric complex 
for the determination of iron, boron, and fluoride have been 
mentioned in the introduction. Q-utzeit and others have also 
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ased It for the detection of iron (75,76), The gplfo-. 
salicylate complex of thoriam has been used to keep that 
ion from precipitating as the hydroxide in the polarographi 
determination of zinc (77), 
Other analytical uses have been reviewed by Weloher 
(78). Aiaong these were the separation of aluminum from 
manganese (33), of thallium from aluminum, ohromium, lead, 
and manganese (34), of beryllium from zino (79), and of 
niobium and tantalum (80,81). Determinations described 
were ooloriraetric methods for sodium (82,83), nitrate 
(84,85) , an indirect determination of caloiunii or oxalate 
(86), and a titrlnaetrlo method for copper (87) . 
A few studies have been made of sulfosalicylate com­
plexes of metal lone. Meek has investigated'theberyllium 
sulfoealioylate complex by means of its ultraviolet absorp­
tion, and has developed from it a method for the epectro-
photometrlo determination of beryllium In aluminum and 
other metals (88), He found that the complex has two 
sulfosalicylate ions for one beryllium ion, and that the 
hydrogen is displaced from the phenolic group of the sulfo-
salicylate, so that it la a tetravalent ion. It is most 
stable at a pH of about 10,5 and the instability constant 
for its equilibrium with whatever beryllium epecleg la pres 
ent in solution at that pH and divalent sulfosalicylate is 
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2,1x10""® at 25®. 
R. G, Anderson and co-iTOrkers have Investigated the 
sLilfosalicylate coraplexes of a series of metal ions spec-
trophotoraetrically by Job's methota, of continuous varia-
tiona (89). Along with Turner he studied the oupric-
sulfosalicylate coraplesees (90). At pH 5 one copper ion 
was found to be conibined with one sulfosalicylate ion in 
the complex, which has an Instability constant of SslO"^ 
at 25®. At pH 9 they found that there are two sulfosali-
cylate ions for each copper in the complex, and that the 
instability constant is SxlO"*^ at 26®. These instability 
constants are valid only at the ionic strength used, which 
was about 0.1. 
Foley and Anderson found that the uranyl ion forme 
only a 1;1 complex with sulfosalicylate, which is most 
stable at pH 4.5 with a K' value of l.SSxlO"'^ at 25® and 
unspecified, but constant ionic strength (91). (When the 
K is primed in the present paper, it signifies that it ia 
in terms of oonoentrations instead of aotivities, and is 
therefore valid only at the experimental ionic strength). 
Preliminary studies have been made by Tompkins and 
Mayer with regard to the use of sulfosalicylate complexes 
of europium and promethium for the separation of these 
elements by ion exchange methods (92). Ihey used radio­
isotopes to determine the distribution of the rare earths 
between the resin and the solution. 
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All of the previous work on the Iron-sulfoaalicylate 
complexes has been apectrophotometrie or colorimetrlc. 
Aiten, vleiland^ and Hille claimed that only the ferric Ion 
gave a red color with sulfosalicylate in acid solutions, 
but that both ferric and ferrous ions gave the alkaline 
yellow color (5). They used this to determine ferric and 
total iron, '^hlel and Peter showed that the ferrous ion 
did not form a colored complex with sulfosalicylate, but 
that in alkaline solution it was almost imiaediately air 
oxidized to the ferric-sulfosalicylate complex (10). They 
suspected this because the yellow color of both the ferrous 
and ferric "complexes" had the same Intensity, a fact which 
would be rather surpriaing, if each was a separate ionic 
species. They added hydrcaulfite to a solution of the yel­
low complex, and the solution became colorless. If air was 
shaken into this solution, it rapidly turned yellow again, 
but slowly becajne colorless again on standing. This showed 
that the yellow ferric-sulfoealioylate complex was very 
stable, and there was a strong tendency for the colorless 
ferrous species to be oxidized. These results were con­
firmed by the present author. 
The absorption spectra of sulfosallcylate solutions 
containing ferric ion was found by Kennard and Johnson 
have flat regions of transmittancy at pH values of around 
1,5, 5.0, and 8.2 (21), which might indicate three complexes 
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with maximum etaMlities at these pH values. Monni>sr, 
Rusconi, and Wenger, in the development of the method 
for the determination of fluoride using this complex, 
found that the full color development of the complex was 
obtained in acid solution when there was at least one 
mole of aulfosalicylate per mole of ferric ion (29), in­
dicating a 1:1 complex. 
Foley and Anderson made an extensive apectrophoto-
metric study of this complex ion (38). Using Job's method 
of continuous variations they found that the con^lex con­
tains one sulfosalicylate ion at pH 2.4 and below, in 
agreement with Monnier, Rusconi, and Wenger. K' is 
1.3x10-® St pH 2.38, ionic strength 0.061, and 2.1x10-'^ 
at pH 0.9 and ionic strength 0.153, At higher pH values 
the Job'8 method treatment seemed to indicate that the 
coiaplex had more sulfo salicylates, even up to five or more. 
This appearance of increase of sulfosalicylate content was 
attributed by the authors to hydrolysis of ferric ion and 
change in ionic species of the sulfosalicylic acid. They 
believed that these results do not represent the composi-
tion of real complexes. 1!hey found that at high pfi, ferric 
perchlorate solutions absorb more strongly than the ferric 
sulfosalicylate solutions, because of the formation of 
hydrous oxide sols. 
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Laoroix and Labaiade in their recent paper on the 
determination of fluoride using this complex (30) referred 
to Bertin's, as yet unpublished, work on these complexes 
(36). He concurs with other authors with the single 1:1 
complex in acid solution. He says that the complex prob­
ably breaks down in^alkaline solution to form colloidal 
ferric hydroxide, in the same manner as the salicylate 
complex. 
The salicylate complexes of ferric iron might be ex­
pected to be similar to the salfosalicylate complexes, 
Babko has reported his studies of these complexes in a 
series of papers in 1945 (93~95)e He found a violet 1:1 
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complex in acid solution with a K of 4x10 . At higher 
pH and salicylate concentration a red disalicylate con^lex 
forms, with a K of 3,5x10"^^. Finally a trisalicylat® com-
-.6 plex forms at pH 10, which is yellow and has a K of 2x10" . 
Ih© last complex is in disagreement with Bertin, who says 
that the complex is broken down to the colloidal ferric 
hydroxide in alkaline solution (36), 
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III, MATERIALS 
For the most part, reagent-^grade chemicals w«re used 
in this work. A few of the chemicals that were prepared 
or specially tested will be described. 
A, Sulfosalicylic Acid 
^he sulfosalicylic acid (5-sulfosalicylic acid) at 
first obtained (Eastman white label) was not considered 
to be sufficiently pure for this use. Concentrated solu­
tions of it were darK red, indicating iron impurity, and 
a considerable amount of insoluble matter was visible in 
suspension, ^t was therefore thought advisable to purify 
this material by the method of Moser and Brukl (34), which 
was also recomfiiended by vielcher (78), A saturated alcohol 
solution of the acid was allowed to stand for about a week, 
after which it was filtered on a sintered glass disc with 
suction„ In order to recover the solid acid, about one-
fifth of the aloohol was distilled off. Because of the 
high concentration of the aulfosalioylic acid, the boiling 
point was 117®. Ho precipitate of the acid appeared on 
cooling to room temperature. The vlscoue solution, which 
had an odor e'>mewhat almllar to wintergreen, was then 
cooled below 0®, with the result that the whole solution 
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•became white and of about the oonalstenoy of taffy. The 
solution again cleared when it was warmed to room temper­
ature. fi^vidently much of the sulfosalioylio acid had 
been esterified by the alcohol at the high temperature of 
the boiling, if not before this during the week of stand­
ing at room temperature. 
About this time some Mallinoiirodt sulfosalioylio 
acid v?as obtained, which seemed to be of better quality 
than the previous material. The solid acid was white, in­
stead of pink, had a much wealter pink color when dissolved, 
and had leas insoluble matter. Ihis acid was Bubjeoted to 
the tests recommended by Roein (96) with respect to lose 
on drying, assay, and residue on Ignition, and was found 
to be within the limits set in this work. It might be well 
to mention that in the determination of the residue on ig— 
nition, the first samples were lost because the melted acid, 
after bubbling quietly for about half an hour while being 
ignited, suddenly became very black and tarry, and quickly 
bubbled over the top of the platinum dishes used for the 
ignition. This was avoided in subsequent samples by heat­
ing the sample under an infrared lamp until this sudden 
transformation occurred, at which time the lamps were im­
mediately removed before the melt had overflowed the dish. 
This tarry mass cooled to a hard black porous solid which 
could be heated again without overflowing. The 
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Malliaokrodt add was pure enough that no waves were ob­
tained polarographlcally, either in aoid or alkaline 
solution, when no iron was added. 
B, Iron Perchlorate Solutions 
The ferric perohlorate solutions were prepared by 
dissolving weighed amounts of ©leotrolytio iron wire or 
granulated primary standard iron in a nitrlc-hydrochlorio 
acid mixture. 'Biese aoids were then removed from solution 
by evaporating several timee to fumes with a slight excess 
of perchloric aoid. I'he solutions were then diluted to 
known volume. ,'i?hey contained a very small amount of ex­
cess perchloric acid, but since the iron was generally 10"*^  
molar in the final solutions, the perchloric acid intro­
duced was negligible. 
Ferrous perohlorate solutions were prepared by the 
method of Goetz (97). G-ranulated primary standard iron 
was dissolved in fifty per cent perchloric add with gentle 
warffl-ing, until nearly all of the iron was dissolved. Long 
pale green needles of ferrous perohlorate formed in the 
solution. ITiese were filtered off and dissolved in water, 
giving a blue solution when very concentrated, !Ihe solution 
v/as stored over the small amount of iron left undissolved 
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to prevent oxidation. The ferrous salt is verjr soluble 
in water. 
Ferrous iron in the solution was determined toy ti­
tration of samples of the solution with oerio su^fefate 
using ferroih, i.e., tris-d^lO- phenanthroline)-iron 
(11) sulfate, as the indicator. Total iron was deter­
mined by passing samples through a Jones reductor, and 
titrating as before. 
0. Ferric Aoetylaoetonate 
This compound was prepared by the method of Urbain 
and Debierne (98). The commercial aoetylacetone was bright 
red, in color, probably from the iron and other metals dis­
solved from the metal cap of the bottle. Distillation yield­
ed a product which was light yellow in color. Pure aoetyl­
acetone is water-white in color, but the distilled liquid 
was considered pur enough for the preparation of ferric 
aoetylaoetonate. About one-half caole of ferric ammonium 
sulfate was dissolved in water and precipitated as the hy-
drated oxide with atnmoniura hydroxide. This was filtered on 
a large glass fritted disc filter funnel and washed five 
times by transferring the precipitate to a beaker, mixing 
it well with two liters of water, allowing the hydrated ox­
ide to settle, and filtering it. The hydrous ferric oxide. 
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which, "by now was almost entirely free of the odor of 
amraonia, was then suspended in 1800 millllitera of water 
and treated with about ten per cent esoess aoetylaoetone. 
This mixture was stirred for twentyv»four hours with a 
large magnetic stirrer, the solution being kept %mrm by 
the heat of the stirring motor. At the end of this time 
the dark red colored needles of ferric aoetylaoetonate 
were filtered, and reerystalliaed twice from benzene. 
(Ferric aoetylacetonate is very soluble in benzene). The 
large crystals obtained in this way were very dark red in 
color and had a strong odor of benzene even after air 
drying for several hours. On crushing these crystals in 
a mortar the material became orange red in color, and at 
first had a strong odor of benzene, which gradually dis-. 
appeared. The darls: red colored crystals probably had con­
tained benzene of crystallization. 
^Jaiaples were weighed out for analysis and heated to 
fumea with concentrated sulfuric acid. After digestion 
at this temperature for a while the solution became dark 
brown in color because of partial deoompoeition of the 
acetylacetone. This was then treated with hydrogen perox­
ide several times and boiled to decooipoee the brown col­
ored material. After the solution cleared, there remained 
in the solution a precipitate of dehydrated ferric sulfate. 
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Itie solution was diluted with water and gently heated. 
In moat oases the ferric sulfate dissolved within an hour, 
but one sataple required treatment with hydrochlorio acid 
to dissolve this precipitate, followed by evaporating to 
light fumes of sulfuric acid to remove the hydrochlorio 
aoid. The solutions were then diluted to one hundred 
milliliters, passed through a Jones redactor, and titrated 
with standard eerie sulfate using ferroin as the indicator. 
•The results obtained were 16.07, 15.75, and 15,91 per 
cent, as compared to the theoretical value of 15.81 per 
cent iron in the compound, IJrbain and Debierne found 15.6 
per cent. Discarding the first result found here, as it 
was noticeably over-run in the titration, the average is 
15.83 per cent. This value was considered to be a satis­
factory check with the eelculated value. 
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IV. APPARATUS 
The Sargent Model XII Polarograph, with photograph­
ically recorded current-voltage curves^ was used for pre­
liminary work on this system. Most of the vrork was done 
using the Sargent Model XXI Polarograph, which records the 
curves with a Brown recorder. 
The polarographic cells used were the H-type cell of 
Lingane and Laitinen (99) with only slight modification. 
This consisted of tx-jo cylindrical half-cells joined by a 
croas-arm about one centimeter above the bottom of each, 
A sintered-glass disc with an agar plug saturated with 
potassium chloride allowed the necessary electrical migra­
tion but prevented diffusion and convection between the 
half-cells. On the agar side of the disc was a saturated 
calomel half~cell. The other half-cell contained the 
dropping mercury electrode and. the solution to be studied. 
This half-cell contained the side-arm through which the 
hydrogen or nitrogen used for freeing the solution of oxy­
gen was Introduced, The orincipal modifications intro­
duced here were the placing of the sintered-glass disc at 
the dropping mercury aide of the cross-arm instead of the 
center of it, and the introduction of a stop-cock at the 
bottom of the dropping mercury half-cell. Both of these 
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facilitated draining and cleaning of the half-cell with 
the minimum disturbance of the calomel half-cell. 
A bridge consisting of an asbestos fiber sealed into 
the glass eross-arm of the H-type cell was used for a 
while. This seemed to give results that were in agreement 
with those obtained with the sintered disc-agar bridge cell 
at first. After some use, however, the potentials obtained 
with the asbestos-bridged cell became more negative than 
those of the agar cell. This effect seemed to be propor­
tional to the current of the polarograms. The best ex­
planation seemed to be that the high concentration of per-
chlorate ion in the dropping electrode half-cell combined 
with the saturated potassium chloride in the calomel half-
cell to cause a precipitation of sparingly soluble potasa-
lum perchlorate in the bridge, thus increasing its resist­
ance. This caused an IH drop that was included in the 
apparent half-wave potential. This effect of a high re­
sistance in causing errors in half-wave potentials that are 
proportional to the current at the half-wave potentials has 
been mentioned by Llngane and Vandenbosch (100). Miss Doris 
V. Stage of this laboratory, using the same cells found 
that the diffusion current for chromium was smaller for the 
asbestos cell after this effect became noticeable, ae 
would be expected with the increased resistance. 
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For some of the pH work an H-type cell modified sim« 
ilarly to that of Meites (101) was used. The dropping 
meroary part of thia cell was made from a tall form two 
hundred fifty .railliliter beaker. A nmiher 14 rubber stop­
per was tui'ned down on a lathe so that it fit this beaker, 
and six holes were bored in it. Two were for pH meter 
leads, t-vTO for raicroburets, one was for the dropping 
electrode J and one, fitted with a bunsen valve, was for 
outlet of nitrogen. Using this cell it vras possible to 
run several polarograms on one solution by adding various 
laaterials between polarogram® from mioroburets, and stir­
ring a few minutes with the nitrogen bubbler. The solu­
tions added from the btix'ets were previously flushed with 
nitrogen. 
The dropping electrodes used were supplied with the 
polarograph, and were the conventional type first used 
by Heyrovsky and Illustrated in Kolthoff and Lingane 
(43, p. 241). Temt)erature was controlled at 25® + 0,5® 0 
by a constant teaiperature bath with a Merc-to-Merc reg­
ulator. It was necessary to stop the stirring motor of 
this bath while the polarograma were being made, as the 
vibration caused the drops to fall too rapidly. Oxygen 
was removed by flushing with nitrogen for at least fif­
teen minutes. Ordinary oommercial nitrogen was used for 
a while with the residual oxygen removed by an alkaline 
pyrogallol bubbler. Later nitrogen specially purified 
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for gas analysis was obtained from Matheson in bottles 
of seventeen cubic feet oapaoity. 'Ihis was found to be 
sufficiently pure that the pyrogallol was unnecessary. 
In fact, for most polarographic purposes ordinary com­
mercial nitrogen is now sufficiently free of oxygen. 
Beckman models M, and H~.2 pH aaeters were used at 
va,rioas times for pH control of the solutions studied. 
At high pH type E" glass electrodes were used or correc­
tions were made for sodium ion error when ordinary glass 
electrodes were employed. Considerable trouble wag e^cper-
ienced with pH measurementa of solutiona with high per-
ohlorate ion concentration. There was a rapid drift of 
meter readings to lower pH values with time of Immersion 
of the electrodes in the solutions. The source of trouble 
sesrned to be in the calomel electrode of the pH meter, 
since the reading went back to its original value after 
that electrode had been soaked in water for a ahort time. 
The ordinary bridge used in the calomel electrodes is an 
aabestos fiber sealed in glass. It was thought that this 
type of bridge might be the source of trouble. Some read­
ings were taken with a Leeds and Morthrup pH meter that 
had a calomel electrode with a sintered glass bridge, 
fhe readings drifted as badly with this bridge as with 
the asbestos fiber bridge. A special Leeds and Northrup 
calomel electrode was obtained that had a bridge that 
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conaiatsd of a ground glass joint that could be flashed 
out "by turning the two parts thus joined with respect to 
each other. The readings obtained with this electrode 
did not drift as rapidly as the ones frora the other types 
of "bridge. Most of the pH values aeed in tb.ls research 
were obtained using ths asbestos fiber bridge with the 
reading obtained as soon as possible after the electrodes 
were immersed in the solutions. 
For the apeotrophotometric stady the Beokman model 
DU spectrophotometer with a hydrogen discharge ultra­
violet source was used. Cuvettes used varied from 0.998 
to 1.000 centimeters in cell length. 
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?. METHODS 
The method of treating the data which are obtained 
from polarograma of complex ions that is outlined below 
is essentially that described by Kolthoff and Lingane (43), 
The reduction of a complex ion to another complex ion 
of a lower valence state may be considered to consist of 
three processes. The first is the dissociation of the ox­
idized complex into its simple ions; 
^^ n+pb ^   ^ b 
P 
where n Is the charge of the oxidised free metal ion, p the 
number of molecules of complexing agent included in the com­
plex ion, and b the charge of the ion of the ooaiplexing 
agent. Letting ajj be the activity of the oxidized free 
ion, ax that for the complexing agent, and a^^jr^ the value 
for the complexing agent, the instability constant KQ of 
this complex ion then becomes; 
(aj. ) (ax)P 
K. = ^0 ^ (2) 
The second prooeea is the reduction of the simple oxidtxed 
ion to the simple reduced ion at the electrode: 
+ (n-m)e « (3) 
S7 
"wtiere m is the charge of the reduced free metal ion. At 
S5® G the Bernst equation for this reduction is; 
E = E® - 0.05911 (4) 
Where is the activity of th© free metallic ion in the 
reduced state. The third process is the formation of the 
ooiaplex of th© reduced metal ioni 
+ qX^  - (5) 
^ q 
where q is the nuaiDer of moleooles of completing agent in 
the reduced complex, Th© instability constant of this 
complex ion ie: 
(% ) 
where is the activity of the complex ion of the metal 
in the reduced state. Combining these equations by the 
elimination of the simple oxidised and reduced, we obtain 
upon replacing the activities by (0) (y): 
£ « EO - ft, ft \ " i  . _ a.amiog. " ;""R 
n-ffi (KQ)  )  
'OMXQ 
At the dropping mercury electrode the concentrations 
of the complex metal ions that enter into this relationship 
are those at the surface of the drop, which we ehall denote 
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as 0" 
Mo and G"j| , Assuming that the complex ions are R 
sufficiently stable that the concentrations of the sis^le 
metal ions in the main body of the solution are negli^JLbly 
small, only the two complex ions are brought to the elec­
trode by diffusion. Under these circumstances the con­
ce n t r a t i o n  o f  t h e  r e d u c e d  c o i a p l e x  i o n  a t  t h e  e l e c t r o d e  X s  
proportional to the current and the decrease of the con­
centration of the oxidised form is likewise proportional 
to the current, or; 
where the k*s are a function of the diffusion coefficients 
of the complex long and are characteristic of these iona. 
However, the concentration of the reducible substance in 
the body of the solution is proportional to the diffusion 
current, a fact that is so useful in the determination of 
iona by polarography, ^h© second of these relationships 
bscomee then; 
Substituting into the equation for the potential this 
gives: 
(a) 
- i) (9) 
At the hall-wave potentif^l 1 „ i and the 
above e2i;preasiori reduces to 
(E^) ~ E" ^  Qi*P^ 4^-,3^ Qnw ,Ji-^ —!—' —SL_ (11^  
- ° n-m ®TK5rry2gT(k5^ 5 
The half-wave potential of the sinipl© ion may be derived 
similarly to be; 
!•»>. • - -
The difference of the half-wave potentials of the complex 
and simple ions is then; 
(Ej.)„ - (%). = 0-0593-i„Jla . 0.0691(p-a) 
2 0 t s - n-m n~m 
- 0.059ij^  '-«^ a 'X ..KQ 'MQ 
If this difference of the half-wave potential of the 
complex and simple ions is plotted against the logarithm of 
the concentration of the complexing agent it la readily seen 
from equation 12 that a straight line with the elope -0.0591 
(p-q)/(n-m) should result. This may be used for the calcu­
lation of the difference of the naiaber of molecules or iona 
of oomplexing agent In the oxidized and reduced complexes. 
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The sum of the first and third terms of the right side 
of equation 13 is the intercept of this straight line. If 
it is assumed that the ratio /^KSC last 
0 H ' R ^  
tern ia approximately one and if molarities are used in~ 
stead of activities, equation 13 "becomes; 
(%)„ - (Ex)„ = - 0-P691(p-fl)ioB "x 
 ^ I'C  ^ t's n-m ^ 
in which and are the molar instability constants for 
the oxidised and reduced Goiaplexes respecti-s'ely. The inter­
cept then becomes 0.059l/{n«m) log K /^K ,^ These ratios 
of diffusion current constants may in some oases be deter­
mined from the ratio of the oathodio to the anodio diffusion 
currents for the same concentration of oxidized as reduced 
form. In the case studied here it was not possible to in­
vestigate this relationship for the siiaple ion because the 
anodic wave could not be observed with mercury electrodes. 
The half-wave potential for the ferric wave was more pos­
itive than the potential of the saturated calomel electrode, 
BO that for a solution of both ferric and ferrous ions 
there ws-s only the oathodio wave that began at zero poten­
tial. 
The thermodynamic equilibrium constants cannot be 
determined by this method without knowledge from some other 
source as to the variation of activity coefficients of the 
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participating species with ionic strength. The usual 
method of determining this absolute constant without data 
on individual activity coefficients consists of determin­
ing the K"' values at various ionic strengths approaching 
Infinite dilation. On plotting these constants against 
the square root of the ionic strength, an extrapolation 
to Kero ionic strength gives an approximate value of the 
true instability constant, since by the Debye-Huckel 
limiting law the activity coefficients are proportional 
to the square root of the ionic strength at very low 
ionic strengths. In the polarographic method the require 
ment of a supporting electrolyte prevents the a.etermina­
tion of the const&iit at ionic strengths lov; enough to 
approach the li^niting law straight line. 
In the case where the complex ion is reduced to a 
metallic state that forms an amalgam, equation 15 becomes 
-  ( V s  =  •log KQ - SLs-OSElRlog 0^  
If the metal is not soluble in mercury, the equation be­
comes; 
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^ KQ - A=0691s.iog 0^ 
- it'vifal ' '"' 
It will be noticed that in equation 16 the half~wave po­
tentials are not independent of oonoentration of the 
metal ion. 
Since iron is not solable in mercury equation 16 
would apply for the reduction of the ferrous complexes, 
and equation 13 applies for the reduction of a ferric com­
plex to a ferrous complex. However, all evidence seems to 
indioat© that coniplexation of ferrous ions by sulfosalicy­
late is negligible. If the ferric complex ie reduced to 
the simple ferrous ion, the situation ie similar to the 
reduction of the complex metal ion to theaaalgam, and 
equation 15 oan be used, with the modification that "n-m" 
is substituted for '^n" in the denominators for the co­
efficient s for the logarithm terras. 
Ihe slopes and intercepts of the lines obtained by 
plotting the difference of the half-wave potentials of the 
complex and single ions against the logarithm of the con­
centration of the coaplexing agent were determined by the 
least squares method. The line obtained by this method has 
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the minimum value of the sum of the squares of the 
deviations of the experimental points. 
The general formula of a straight line isj 
y M a -i- "bx (17) 
If X and Y are respectively the individual values of x  
(in this case the logarithm of the concentration of com-
plexing agent) and y (here, the difference of the half~ 
wave potentials of the complex and sisiple ions) , the devia­
tion of an eaEperifliental Y value from a straight line is; 
For this to be a minimum the partial derivatives with 
respect to a and b must be zero. 
d = I - (a +bX) (18) 
The sum of the squares of the deviations is5 
r d^  5s I(Y - (a + bX) )^  (19) 
ili£ = -2 I (Y - (a + bX)) s 0 
4 a 
(20) 
ZY = na X 
s -2Z: ( X ) (Y - (a + bX)) = 0 
(21) 
(22)  
IXY = alX + b2X^ (23) 
where n is the number of individual pieces of data used 
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in must be greater than 2). Solving equations 21 and 23 
for a and b we obtain: 
b -  ^n^ XY. 
(ncT-niir (24) 
and 
a - blX . (25) 
n 
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Vil. EXPERIMENTAL 
The ferrlo and ferrous complexes will be considered 
separately, even though the data from the two ionic states 
were generally taken from the same polarograms. 
A, Ferric Complex 
Since some have doubted the presence of a Bulfo-
salicylate complex of ferric iron in alkaline solution 
(30^36), it might be well to cite evidence for its exist­
ence. The explanation of the yellow color of the alkaline 
solutions as caused by colloidal ferric hydroxide does not 
explain the pi'operties of these solutions very well. The 
yellow color was much stronger in these solutions than in 
similar solutions with the same concentration of iron, 
ionic strength, and pH, tout without sulfosalicylate. Also, 
the sulfosalicylate Bolutions were much more stable, show­
ing no precipitation after months of standing, while the 
solutions without sulfosalicylate had almost complete pre­
cipitation in about £in hour» The phenomenon of almost 
instantaneous oxidation of ferrous ions by air in the 
presence of alkaline sulfosalicylate, which was first des­
cribed by Thiel and Peter (10) and oonfiriaed polarograph-
ioally in the present investigation, would also indicate 
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that the ferrle ion epeoies is much more stable than 
In the absence of sulfoaalloylate, as In the latter oase 
no such rapid oxidation was o'bserved. Polarographioally 
also ferric iron behaved differently in sulfosalicylate 
solutions. In the absence of sulfosalicylate only a 
wave at 0 and one -"1.45 volts with reapeot to the saturated 
calomel electrode, were obtained when polarograins were made 
a few minutes after the ssolutions were prepared, 'Iheee 
waves were the sajsae ones obaerved for ferric iron in acid 
solutions. If the solutions were allowed to stand until 
the hydrous oxide had been precipitated, the same waves 
were obtained, but they are very smalls In the presence 
of sulfosalicylate no wave was obtained at 0 volt, but 
there were waves at -.0.6 volt, «.1.0 volt and -1.45 volts. 
The last wave, attributed to the ferrous ion was the same 
for the two types of solutions, but the first one, which 
evidently represented a ferric species, showed a strong 
negative shift of potential from -i-O.Si volt vg. the sat­
urated oalomQl electrode the half-wave potential of the 
aquo ferric ion. This indicated a strong stabilizing ef­
fect of the sulfosalicylate on ferric iron. There is no 
reason to believe a ciolloid of hydrated ferric oxide should 
be 80 much more stable toward both reduction and precipita­
tion in the presence of sulfosalicylate than in its absence, 
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especially at; the high ionic strengths used. This would 
seem to foe rather strong evidence that the ferric ion is 
oomplezed fey the sulfosalicylate ion. 
1. Effect of gH 
A© most of the work with this complex was done in 
solutions of pH in the vicinity of 9, a pH study was made 
over a pH range of 8.38 to 10.22, with 0,35 M horic aoid 
present as a buffering agent. The solutions were 0.0001 M 
in ferric ion and 0.02 M in sulfosalicylate. The ionic 
strength of the solutions wae brought to 0.6 by the add­
ition of sodium perchlorate. The data from this experi­
ment are found in Table 1. Some trouble waa encountered 
with a raaximufn that occurred at a constant potential of 
-0.64 volt, which became merged with the ferric wave at 
higher pH values. It was finally decided to construct the 
diffusion current plateau through the minimum that follows 
the maximum, for the sake of uniforiaity. This made the 
half-wave potentials more negative and the diffusion cur­
rents slightly greater than if the plateau was constructed 
at a potential more positive than the maximum. 
Three waves were observed in the polarograms of these 
solutions. They occurred approximately -0.6, -1.0, and 
-1,4 volte with respect to the saturated calomel electrode. 
TABLE 1 
Variation of Half-Wave Potential 
and Diffusion Current with pH 
HaIf-Wave Diffusion 
pH Potential, Current, 
volta vs. S. 0. E. mloroampere 
8.38 -O.ii'79 0.155 
-1.059 0.05^  
«l.i^ 04 0.36^  
8.51 -0.i}-88 0.113 
-1.09^  0.061 
0.370 
8.65 -0.505 0.1^ 5 
-1.112 43.024 
0.3^ 2 
8.65 -0.521 0.15^  
-1.03^ 0.076 
-1.^ -33 0.483 
8.88 -0.5^0 0.137 
-1.061 0.06^ 
-l.if28 0.383 
9.09 -0.561 0.106 
-1,086 0,0k7 
-l.W 0.352 
9.26 -0.561 0.131 
-1.088 0.052 
—1.^ 56 0.357 
9.^ 8 -0.596 0.103 
-1.093 0.023 
-1A63 0.31^  
9.70 —0.62^  0,092 
-1.093 0.072 
-i.ii'SS 0.358 
9.77 -0.62^ 0.112 
-1.103 0.059 
-l.i|'90 0.238 
10.05 -0.639 0.093 
-1.120 0.077 
-1.502 0.296 
10.22 —0.063 0.121 
-1.081 0.061 
-1.502 0.352 
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The first wave represented the reduction of the ferric 
sulfosalicylate complex. Ihe "beet line for the relation­
ship "between the half-wave potential and pH for this wave, 
as determined by the method of least squares, was as 
follows I 
„ 0.3S90 - 0.0988 pH (26) 
The calculated value of p/n, which in this case was equal 
to p, was 1.67, This would probably indicate that the com­
plex contains two more hydrozyl ions than the ferrous com­
plex. On the assomption that the ferrous complex contained 
one hydroxyl ion, the number of hydroxyl ions associated 
with the ferric complex is then three. 
The second >mve was of uncertain origin. It was nearly 
independent of pH. The equation of the straight line that 
corresponded best with the data on the variation of half-
wave potential with pH is: 
s -0.948 - 0.0149 pH. (27) 
The calculated p/n value for this wave is 0.26. This means 
that n would have to be four for p to be equal to one. 
I^he ferrous wave is oonsidered in the section on the 
ferrous complex. Experiments with the variation of half-
wave potential xirith pH over a larger range with nitrate and 
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sulfate as supporting electrolyte are described in the 
seotion on effect of anions. 
2, Effect of sulfosalicylate oonoentration. 
In acid solutions of pH lesa than 4.5 the only wave 
appearing in the polarograias was at a potential more 
positive than the saturated calomel electrode, so that 
the current increases to almost its full value as soon 
as the circuit is completed. Ihese waves could not then 
be studied by the method used here because the true half-
wave potential could not be observed. For this reason the 
study of the variation of the half-wave potential with 
sulfoaalicylate concentration has been restricted mainly 
to the yellow alkaline complex. From pH 4 to about pH 
10 sulfoaalicylate did not act as a buffer at all. Sine® 
the half-wave potential changed with pH above pH 8, in-
dioating liberation of hydroxyl ions on reduction, it was 
essential for the solutions to be buffered to obtain re­
liable half-wave potentials. Otherwise there would have 
been local changes in pH at the dropping mercury electrode, 
which would have caused the half-wave potential to be 
erroneous. Boric acid was decided upon as a buffer, since 
it seemed to have little complexing effect on iron. With 
this buffering agent the optimum theoretical pH was 9.2, 
as the first ionization constant of boric aoid is 6.4 x 
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—XO 10"" (102). For this reason pH 9 was taken as the one 
at which most of the work v/ould be done. The solutions 
were 0.5 M in total borate, 0.0001 M in iron, and had an 
ionic strength of 1. The salfosalicylate concentration 
was Taried from 0.00486 to 0,2067 M, The half-wave poten­
tials and diffusion currents obtained from polarogramB of 
these solutions are found in Table 2, 
The least squares equation for the first wave was 
calculated to be: 
Sy --0,896 - 0.1660 log (TQQ) (28) 
where (TS3) is total sulfosalicylate concentration. This 
gives a calculated value of p of 2.8, indicating three 
sulfosalioylate ions in the complex above the number in 
the ferrous complex. Assuming that the ferrous complex 
has one hydroxyl ion and no sulfosalioylate ions,, the 
ferric complex then has three sulfosalioylate ions and 
three hydroxyl ions. The dissociation of the complex may 
be written aa follows*. 
Fe(H3&)g(0H)g"'® = + 3HSS"^  v S OH" (29) 
and: 
^ (Pe(HS6)3(0H)2-®) 
(30) 
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table 2 
Half-Wave Potential® and Diffusion Currents 
with Pifferent Sulfoaallcylate Goneentratiens 
(Tss) 
Half-Wave Dlffuslon 
log Potential, Current, 
mole/l (Tsa) volts S.C.E. microampere 
0.00^1-86 
-2.313 -0.520 
-1.392 
0.186 
0.310 
0.010^ 3^ -1.982 -0,568 0.420 
-1.9^ 8 
-I.3O8 O.518 
0.01077 -0.588 
-1.382 
0.258 
0.322 
0,020k7 -1.689 -0.586 0.280 
0.381 
0.0^ 99 -1.302 -0.6^ 7^ 0.235 
0.05^  
0.433 
-0.97^  
-1.^ 1 
0.1002 
-0.999 -0.76^  0.138 
-1.027 
-1.502 
0.069 
O.i^ -OB 
0.2067 -0.685 (-0.83)* 
-1.083 
-1.536 
0.091 
0.558 
* Half~wav0 potentials in parenthesle were estimates 
for waves that were too small or too poorly formed 
for accurate measurement. 
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Ignoring activity coefficients and diffusion current 
constants we may modify equation 12 for the present case 
as follows; 
- 0.51 - 0.0591 log K^ /K| - 0.0591x3 log 
- 0.0591(2)(pH*14) (31) 
where K| may be represented as; 
K| = (Fe^^XOH-l (32) 
(FeOlt) 
If the nearest theoJ^etical slopes were used and intercepts 
recalculated by the least squares method, using these 
slopes, equations 26 and 28 13600111© respectively J 
e.|. s: 0.521 - 0.1182 pH (33) 
s -0.915 - 0.1773 log (Tg^) (34) 
From the intercepts of these equationa the ratio K^/K^ 
ci» 
may be determined. The values obtained for this ratio from 
these equations were -32.76 and -.34.11 respectively. The 
value of the constant waa not available, but it would 
seem to be of the order of magnitude of one. is then 
very probably around 10" 
The wave at -1,0 volt with reapeot to the saturated 
calofael eleotrode was very elusive. Only at the three 
highest concentrations of aulfosalicylate in Table 2 was 
this wave distinct enough to be measured. It did not ap­
pear below pH 4 nor in salfoaalicylate aoliitions that con­
tain no iron. Moreosver, it did not appear in 0.5 K sol­
utions of sulfosalioylate at any concentration of iron 
from 10"*^ to 0.01 M. In chloride aolutions at pH 9 it 
appeared only at the very lo-^^eat concentration of eulfo-
salicylate used (0.02 M). '£he wave was sometimes seen as 
only a small deflection of the polarogram. At best the 
wave was quite small and flat, a condition indicative of 
considerable irreversibility. Its relationship to the 
iron sulfosalicylate system is quite uncertain. It was 
most likely caused by aorae impurity, by-product or aid® 
reaction in the solution. It did not seem to be caused 
by another ferric species in slow equilibrium with the 
first one, as the latter was shown to be reversibly re­
duced in this work. It would not seem to be a ferrous 
complex as its potential is more positive than other half-
wave potentials observed for ferrous species. The only 
factors causing positive shift in potentials of uncomplexed 
materials are increased reversibility or a strong complex 
of the reduced form of the substance. latter may be 
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eliminated because of the impossibility of complexes 
with the metallic iron, ana the increased reversibility 
was hardly probable because of the greatly reduced slope 
of this wave J which of course indicated considerable ir­
reversibility of the reduction. 
The three points obtained for this wave fell as 
neail y as could be deterrained on a straight line, the 
equation of which was 
£i = -1.204 - 0.1766 log (Tag) (35) 
The slope of this line coincided almost exactly with the 
theoretical one for a reducible complex containing three 
more sulfosalicylate ions than the reduced form. 
B. Ferrous Oomolex 
No ferrous complex of sulfosalicylate has been found 
and very little has been said in the literature on the 
possibility of existence of such a complex. It was erron­
eously believed by Lorber and others (2, 4, 5, 8, 9) that 
the ferrous ion as well as the ferric ion formed a yellow 
complex with sulfosalicylate in ammoniacal solutions. It 
was shown by Thiel and Peter (10) that ferrous-aulfo-
salicylate solutions were colorless even at high pH, and 
the apparent coloration of the ferrous complex when the 
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Solution was mad© al&aline was caused by the almost in­
stantaneous air oxidation of the ferrous ion to ferric 
ion in alkaline solution. 1?he experiments carried out 
these authors to show this, made use of the very strong 
reducing properties of sodium hydro sulfite. Their exper-
iaients are described in the Literature Survey of the 
present work. 
The evidence for the existence of a ferrous-
sulfosalicylate complex was preponderantly negative. 
The solutions, both at acid and alkaline pH values, were 
colorless in contrast to most of the known ferrous com­
plexes, "whioh are highly colored (j..£. , 1,10-phenanthroline 
and 2, 21 bipyridyl complexes). The alkaline solutions 
were very unstable with respect to both oxidation and 
hydrolysis to the hydrated oxide. Hydrosulfite iiaa the 
only reducing agent tried that successfully reduced the 
ferric complex to the ferrous state. Reduction with 0ul~ 
fite, hydrazine, hydrostylamine, zinc, formaldehyde and 
manganese were all unsuccessful in alkaline solutions, 
The yellow ferric complex was evidently reduced all the 
way to the metallic state by magnesium, as the colorless 
solution resulting gave no coloration with 1,10-.phenan-
throline. In acid solutions the red complex was readily 
decolorized by sulfur dioxide. These solutions became 
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yellow very rapidly when neutralized wiifeh aodlum hydrox­
ide. It was noticed when the work of Thiel and Peter on 
the redaction of the yellow complex with hydrosulfite 
was repeated, that in a ahort time a black colored pre­
cipitate of ferrous hydroxide formed in the solution. 
This precipitation in cases where the solubility product 
of ferrous hydroxide was exceeded only slightly showed 
that if there was any complexing action of sulfosalicy-
late on ferrous iron, it was very weak Indeed. 
The polarographio evidence was also negative. The 
wave for the reduction of the ferrous ion to the metal 
appeared at -1,4 volta with respect to the saturated 
calomel electrode. The best line for the variation of 
half-wave potential of this wave with sulfosalicylate 
as calculated by the least squares method from the data 
in Table 2 was; 
- -1.616 - 0.0789 log (Tsg) (36) 
The value of p calculated frora this slope for n equal to 
two was 2.7, which indicated a ferrous complex with three 
sulfosalicylate ions. However, there was no displacement 
of the half-wave potential from that of the ferrous ion in 
the absence of sulfosalicylate. This potential was found 
to be -1.45 volts which was J^^st about the median value of 
the data of Table 2, The variation of the half-wave 
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potential with sulfosalicylate concentration was probably 
caused by the strong irreversibility that is so evident 
from the flattened slope of the -wave and the strong nega­
tive displacement of its half-wave potential from the 
standard electrode potential. 
The effect of the pH on thla ferrous wave may be 
seen from the data of Table 1. The straight line best 
fitting the data from Table 1, as determined by the method 
of least squares was; 
^ « -0.9607 - 0.0535 pH (37) 
This gives 1.8 tor p. Of coarae this is not reliable 
because of the irreversibility mentioned above. If this 
complex is the siiaple aquo ferrous ion, as geems probable, 
it would be expected to have one hydroxyl ion associated 
with it at the high pH values at which the ferrous wave 
appeared. 
0. Other Experiments 
In this section are grouped miscellaneous experi­
ments that are pertinent to this research but were not 
conveniently described elsewhere. 
Effect of borate. 
Since borate was used as a buffering agent in the 
studies at pH 9, it was a matter of concern whether the 
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borate had a ooiaplexlng action on the iron that might 
compete with the sulfosalicylate reaction. If borate 
competed with aulfosalicylate, a variation of the half-
wave potentials and probably of the diffusion currents 
with borate concentration would be observed. 
3 
Variation of Half-Y^ave Potential and Diffusion Ourrent 
with Borate Concentration 
Total Borate, 
mole/liter 
Half-Wave 
Potential, 
volts vs. S, C. E. 
Diffusion 
Current, 
microampere 
0,5 -0.53 0.E9 
-1.44 0.48 
0.2 -0.5? 0.21 
-1.45 0.46 
0.1 -0.54 0.25 
—1.41 0.58 
Table 3 shows the results obtained when the boric acid add­
ed was varied by a factor of five in solutions of 10""^ M 
ferric ion in the presence of 0.005 M sulfosalicylate in 
solutions adjusted to ionic strength 2 and pH 9 by sodium 
chloride and sodium hydroxide. No trend was noticeable 
either in half-wave potential or diffusion current for 
ferric or ferrous waves. 
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2. Sodium 130rate precipitation 
In many of the solutions used for polarographic 
study of the ferric sulfosalicylate oomplex at pH 9 a 
white crystalline precipitate formed on the sides and 
bottom of the flask, 'Stiis precipitate sometimes formed 
on the dropping mercury electrode, causing erratic drop 
rates and therefore greatly malformed waves. It was at 
first thought to be potassiuai perchlorate fotmed by dif­
fusion of the potassium ion from the oalorael eleotrod® 
of the pH meter, as the precipitate always showed up on 
neutralization. This possibility was eliminated by 
neutralizing the solutions to a pH of 9 as indicated by 
pH paper, with the result that the precipitate still 
appeared. It was not a sulfosalioylate salt, since it 
apoeared even in th© absence of sulfosalicylate. This 
left only sodium perchlorate and sodium borate as posa-
ibllities. It wae found to be sodium borate, since the 
supernatant liquid from on® of these preolpltatee was 
found to dissolve sodium perchlorate readily without 
precipitation, but when boric acid was added followed by 
neutralisation, almost iEamediate precipitation of the 
same character of the original precipitate occurred. 
In testing the range of concentrations that are free 
from precipitation, it was found that precipitation just 
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occurred in solutions that were 0,02 molar in sulfo-
salicylate, 0.4 molar In total borate sud had ionic 
strengths of 0.7 and pH of 9. If the sodium ion was 
decreased by decreasing sulfosalicylate concentration 
or ionic strength or pH or if borate ion is decreased, 
no precipitation was observed. 
Bffect of anions on the polarograms 
Most of the comaaon anions except perchlorate seemed 
to form complexes with ferric iron, Perchlorate was 
therefore used in most of these esqperiments as the sup­
porting electrolyte, to avoid coaaplications from compet­
ing complexes. However, because of the drifting of the 
pH meter readings in the presence of perchlorate it waa 
desirable, and in some oases almost necessary, to use some 
other anion. In the pH study using the large polarographic 
cell in which increments of alkali were added directly to 
the cell, it would be impossible to obtain accurate pH 
readings without soaking the calomel electrode in dis­
tilled water between readings, which would have necess­
itated a very much longer flushing with nitrogen before 
each polarogram to eliminate the oxygen absorbed by the 
solution during theae manipulations, liiven the ground 
glass sleeve bridge showed aome drifting if the sleeve 
was not occasiohally turned to provide fresh potassium 
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chloride In the bridge. For this reason it was dedlded 
to test the possibility of using other anions as support­
ing electrolytes, Aooordingly, solutions were prepared 
with perchlorate, niti'ate, chloride, and sulfate Individ-. 
ually as supporting electrolyte at pH 2, 4, and 9. The 
concentrations of iron and sulfosalioylate were U 
and 0,025 M respectively, and the ionic strength was 
0.685 + 0,005» The data from this Investigation are sum-. 
marized in Table 4, 
The chloride, perchlorate, and sulfate solutions 
had only one wave at pH 2, which fell at 0 volt, and was 
therefore not usable. The nitrate solution, however, had 
a wave at -0.245 and another at -.0.553 volt. It seemed 
from this that the presence of the nitrate ion stabilized 
the ferric complex with the singly ionized eulfosalicylic 
acid that predominates in this pH range. This agreed with 
the observations made in the preparation of these solu­
tions. After the iron, sulfosalioylate, and acid of the 
supporting electrolyte solutions had been added, and before 
the addition of the sodium hydroxide to bring the pH to the 
desired value, the solutions had a pH of about 0.5. The 
hydrochloric acid solutions were still rather yellowish 
from the ferric chloride complex, the sulfuric and per­
chloric acid solutions were faintly pink and of about the 
same shade, but the nitric acid solutions had a very 
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TABLE 4 
Effect of Anions of the Supporting Electrolyte 
pH Anion 
Half-¥ave 
Potential 
volts V£. B.C.S. 
Diffusion 
Current, 
microamperes 
1.98 chloride (greater than 0) 2.229 
2.05 nitrate (greater than 0) 2.496 
-0.246 0.144 
-0.553 0.120 
2 . 04: perohlorate (greater than 0) 2.238 
S«03 sulfate (greater than 0) 2.788 
4.00 ohlorld® (greater than 0) 0.568 
-0.124 0,220 
-0.47 m&xlmvim 
-1.458 3.762 
3.83 nitrate (greater than 0) 1.864 
-0.14 maximuiis 
—0.46 maximum 
—1.416 4.104 
3.98 perohlorate (greater than 0) 0.880 
-0.076 0.400 
—0.46 maximum 
-1.105 0.616 
-1.431 2.752 
4.03 aulfate (greater than 0) 2.152 
-0.12 maxiaium 
-1.415 4.380 
8.90 chloride -0.648 0.912 
-1.061 0.369 
-1.457 1.926 
-1.663 0.240 
9.08 nitrate -0,626 0.960 
-1.063 0.516 
9.01 perohlorate -0.643 0.810 
-1.056 0.366 
-1.446 1.764 
-1.689 0.888 
8.88 aulfate -0.684 0.510 
-1.094 0.759 
-1.456 2.079 
-1.704 0.675 
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strong pink color, this indicated that la these strongly 
acid solutions more of the iron was oomplexed by sulfo-
salioylic aoid in nitric aoid solutions than in hydro-, 
chloric, perchloric, or sulfuric acid solutions. Hydro­
chloric aoid and possibly sulfuric aoid to a leaser ex~ 
tent would be expected to form oomplexee with iron which 
would compete with sulfosalicylic acid complexes. How­
ever perchloric aoid ia supposed to have no complexing 
action on metal ions, so that it would be expected that 
the wave at -0.25 volt in perchloric acid would have a 
more negative half-wave potential and would probably have 
a greater f?tep height. This was not the case at all. On 
the contrary, no wave appears in perchloric aoid at pH 2 
except the one that begins at 0 volt. This would indi­
cate that nitrate took part in the complex. That sulfo-
salicylic acid also participated was shown by the polar-
ograma of ferric nitrate in the absence of eulfosalicylic 
aoid. These showed only the wave at 0 volt that was 
characteristic of anoomplexed and weakly complexed ferric 
ion. It was quite evident then that the complex must con­
tain both nitrate and sulfosalioylate ions. Thus the 
three waves for the nitrate solution at pH Z probably 
indicated three ferric complexes in rather slow equilib­
rium with each other. The first wave represented the 
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reduction of the aquo ferric ion., the second a complex 
of ferric ion with both nitrate and singly ionized sulfo-
salicylio acid, and the third a complex of ferric ion 
with doubly ionized sulfosalicylic acid. This latter 
sulfosalicylate species comprised a"bout one-third of the 
total sulfosalicylate present at pH 2 and ionic strength 
0,1 when the sulfosalicylic acid concentration was 0,006 
M, according to the brief study made on the ionization of 
sulfoaalicylic acid that is reported elsewhere in this 
work. This phenomenon of separate polarographic waves for 
different complex ions of the same oxidation state of a 
metal in slow equilibrium with each other has been ob­
served by Pinea (47), Herman (48), and Brdicka (49) as 
mentioned in the Literature Survey. Xt was also found in 
the case of ferric tartrate complexes by Toropova (58) and 
Lingan© (104). In a recent series of papers Meites has 
shown that copper citrate, tartrate, and oxalate com­
plexes have two wavea for the cupric state in certain pH 
ranges (101, 103, 105). 
Ihe variation of the polarograms of the nitrate sol­
utions with pH at constant sulfosalicylic acid concentra­
tion, and also the variation with sulfosalicylic acid at 
pH 2 were investigated. Th^ pH study was carried out on 
solutions that were S M in nitric acid, 0.05 M in sulfo­
salicylic acid and 0.001 M in ferric ion. The polarogramB 
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were made usln ; a Sargent-Heyrovaky Model XII photo­
graphic recording polarograph. Some of tae results were 
later checked with the Model XXX polarograph used for 
the rest of the work reported in this paper. The results 
of this inveetigation are listed in Table 5. The two in-
itial waves were present in these polarograms up to pH 3. 
At pH 5 both of these waves had disappeared. This in­
dicated that the second wave represented a complex with 
the singly ionised species of sulfosalicylic aoid, since 
this species was also decreased to a negligible concen­
tration by the time this pH was reached. The fact that 
the first wave had also disappeared indicated that the 
ooEoplex with the doubly ionised sulfosalicylic aoid was 
stable enough so that there was a negligible concentra­
tion of uncompleted fexrlc ion in the solution. It was 
also shown in the reversibility studies that this complex 
was reversibly reduced, so that of course in this case 
there was only one wave for this oxidation state. The 
polarogram of the complexes in the presence of nitrate 
at pH 4 that appears in Table 4 had a small maximum at 
-0.46 volt 00 that it could not be determined whether 
there wa.8 a wave at this point, which would fall in a 
straight line with the points from Table 5 for the second 
wave. There did seem to be a slight deflection of the 
67 
residual current at about this point, indicating that 
there might have been just a hint of a wave, which might 
be expected since nearly all of the sulfosalicylic aoid 
is in the doubly ionized state at this pH. The fact that 
TAi3LE 5 
Data of Polarograms of Solations with Varying pH 
at Constant Sulfosallcylate, Ferric, and Mitrate 
Concentration 
Haif-'^ iTave Diffusion 
pH Potential, 
volts rs. S.C.E. 
Current, 
microaniperes 
0.70 (greater than 0) 2.28 
-0.17 1.78 
2.18 (greater than 0) 2.31 
-0.24 E.74 
2.97 (greater than 0) 1.87 
-0.31 1.00 
-0o59 0.44 
4,87 -0.69 3.61 
9.90 -0.73 3.65 
10.40 -0.79 2.46 
the ratio of the second wave to the first was much great­
er for the polarogra® at pH 2 in Table 5 than the cor-
reeponding one in Table 4 also indicated the participa­
tion of nitrate in the complex represented by the second 
wave, since the large excess of nitrate in the former 
would be expected to shift the equilibrium toward the 
complex that contained the nitrate ion. 
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The least sqaaree method was used to determine the 
"best equation for the relationship of the half-wave poten­
tials of the second wave to the pH. The line obtained 
was; 
 ^« -0.123 - 0.0599 pH (38) 
If this result were reliable, whioh is doahtful because 
of the irrevepsibility, it would indicate that one hydro­
gen ion is used up in the reduction of this complex. 
I'his could be either by releasing a hydroxyl ion from the 
complex or by the acid radical released frofii the complex 
taking up a hydrogen ion, Neither of these aeem probable 
at this pH for this complex. Very likely the variation 
of the half-wave potential with pH waa caused by the Ir­
reversibility of the reduction of this complex. 
The wave at -0.6 to -0.8 volt, whioh was attributed 
to a ferric complex with the doubly ionized eulfoealicylic 
acid appeared at pH 2 in the data in Table 4, but not un­
til pH 3 in the data of 'fable 5. This iBlght also be 
caused by the very high conaientratlon of nitric acid in 
the latter case, whioh shifts the equilibrium toward the 
complex containing the nitrate. The wave at pH 3 was 
small but very distinct when the polarogram was prepared 
with the Model XII polarograph, but waa not visible in 
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polarograms of the same solution taken with the Model 
XKI Instrument. Possibly the stability of this complex at 
this low pH and high concentration of nitrate was not 
great enough to give a permanent complex, so that it had 
decomposed by the time (ttiro months later) the latter 
polarogram was made. The halfswwave potentials were more 
negative than those for corresponding pH values in the 
perchloric acid study, of which the data are listed in 
I'able 1. Ihis was no doubt caused by the high ionic 
strength rather than by the nitrate, as may be seen from 
the data in Table 4 in which the half-wave potential of this 
complex in nitrate solution x^aa slightly more positive than 
that of the complex in perchlorate solution of the same pH 
and ionic strength. 
As is shoxm later in this section in the discussion 
of the pH study with sulfate as supporting electrolyte, 
there was a break in the curve of half-wave potential 
versus pH at about pH 8, with the curve becoming steeper 
above this pH. Thus the four points obtained in this 
present investigation are half in one region and half in 
the other. Thus there is little meaning to a line drawn 
so that it best fits all four of the points. However, the 
slope of this line, which was 0.02, wag only about twice 
as large aa the slope of the low pH branoL of this curve 
in sulfate solutions. 
70 
'JLII© ferrous wave at *1.4 volts did not appear in 
these polarograms at all, and only at pH 4 ia the nitrate 
solutions in fable 4. This -was true for all supporting 
electrolytes for pH values leaB than 4, because of the 
strong wave of the hydrogen. Ion reduction. This wave was 
very large because of the high mobility of the hydrogen 
ion. Above pH 4, however, the ferrous wave appeared in 
the solutions of the other three electrolytes but not in 
nitrate solutions, as nitrate is reduced at potentials 
more positive than this, ffiiat it should appear at pH 4 in 
Table 4, but not in I'able 5 was to be expected, as the 
greater quantity of nitrate caused the reduction of the 
latter to begin at a lower potential. At pH 9 in Table 
4 the wave had again disappeared, since it shifted to laor® 
negative potentials with inoreasing pH. 
T^he polarograras of this system x-^ ith varying sulfo-
salicylia acid concentration at pH 2 with nitrate support­
ing electrolyte were carried out with solutions that had 
ionic strength of one and concentration of iron equal to 
0.001 M, These data are listed in Table 6. Two seta of 
polarograsis w©re made for these Bolutiona and both sets 
are listed is this table. 
If the equilibrium between the first t^^o waves was 
euffioiently slow that there was negligible interconversion 
during the running of the polarogram, the step heights of 
n 
TMMLE 6 
Half~Waire Potentials and Diffusion Ourx'snta 
at Varying Concentrations of Sulfosallcylate 
at pH 2 in Hitrate Solution 
(fss) 
mole/l 
log 
(Tbb) 
Half-Wa-re 
Potential, 
volta vs. S.O. s. 
Diffusion 
Current, 
microamperee 
0.032^ -1.^90 (greater than 
-0.2^ 
0 )  
0.032^ -1.490 (greatei? than 0) 2.68 
-0.23 0.65 
0.05?2 -1.2if'3 (greater than 0) 2.6? 
-1.2^3 
-0.25 
0) 0.9^ 0.0572 (greater than 2.91 
-0.2^^ 1.3^ 
0.0693 -1.159 (greater than 0) 2.^7 
-0.26 1.^7 
0.0693 -1.159 (greater than 0) 2.61 
-0.26 1.92 
0.0932 -1.031 (greater than 0) 2.87 
-0.31 1.71 
-1.13 1.26 
0.0932 -1.031 (greater than 0) 2.32 
-0.26 2,5c («1.I) 
0.1089 -0.963 (greater than 0) 2.51 
-0.26 2.31 
0.1089 -0.963 (greater than 0) 2.53 
«0.25 3.55 
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the two waves should be proportional to the concentra­
tions of the two species "being reduced at these waves. 
Then at constant pH and ionic strength the ratio of the 
diffusion current of the first wave to that of the second 
multiplied by the concentration of total sulfosalicylate, 
raised to the p pox-jer should be equal to a constant, or; 
= K (39) 
This is not the equilibrium constant because (1) activity 
coefficients of the three ione involved were not included, 
(2) the diffusion currents would have to be divided by 
their individual diffusion current constants to obtain the 
concentrations of the aqtio ferric and the ferric mono-
sulfosalicylic acid coarplex, (3) a factor would be needed 
for hydroxyl ion activity as sho>m by the dependence of 
half-wave potential on pH, and (4) total eulfosallcylat© 
instead of singly ioniaed aulfosalicylic acid was used 
(equation 37). The first two factors were kept constant 
by working at constant ionic strength. The third factor 
did not vary if the pH was kept constant. At constant 
ionic strength and pH the singly ionized eulfosalicyllc 
acid is proportional to the total sulfoaalicylate. This 
may be readily seen if the concentration of the doubly 
ionized aulfosalicylic acid is eliminated between the 
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following two simultaneous equations: 
(HgSS-) 
(40) 
and 
(HgSS") + (KSS-2) = (TSS) (41) 
This gives the equation for the concentration of the 
singly ionized salfosalicylic acid as: 
Since diffusion currents are very susceptible to such 
capillary charaoterietios as drop rate and height of 
reservoir that are changed frooi one experiment to the 
other, the data of the two sets of polarograms were here 
considered separately in oalculating S, Tables 7 and 8 
list the calculated K for each solution. 
In both sets of data the value for K increased with 
concentration of smlfosalicylate for p equal to two and 
decreased for p equal to one. However, the variation was 
not as great for p = 1. The ratio of the largest K to 
the smallest K was 1.6 for one and 2.4 for two sulfoaali-
cylatea per ion from Table 7. 
(HgS^) = (H'^HTSSl (42) 
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TABLE 7 
Calculated K Values (Equation 39)« 
First Set of Polarograms 
(TSS) K(p=l) K{p=2) 
iflole/1 
0.0324 0.186 0.00604 
0.0572 0.16S 0.00929 
0.0693 0.116 0.00807 
0.0932 0.156 0.01455 
0.1089 0.118 0.01289 
TABLE 8 
Calculated K Values (Equation 39). 
Second Set of Polarograms 
(TSS) 
mole/l 
K(psl) K(p=S) 
0,0324 0,134 0,0043 
0.0572 0,124 0,0071 
0,0693 0.094 0.0066 
, 0,0932 0.086 0,0080 
0,1089 0.078 0,0085 
The difference was not as great in Table 8 where the 
ratios are 1,7 and 2,0 respectively. Also the K for one 
sulfosalicylate decreases with sulfosalicylate concentration 
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as expected If the eqalll"brium vras rapid enough that 
there was some shift of species during the preparation 
of a polarogram. 'Xhls evidence then pointed to a single 
salfosalicylate Ion In the complex. This agreed with 
the work of Foley and Anderson, who found that the complex 
in this pH range contained one 8alfosalicylate (38). 
A least squares calcalation of the line for the var­
iation of half-x^ave potential with s ul fo sail oy late con­
centration gave the equation; 
s —0.303 — 0.04:4(2 lo§ (Tss) (4:3) 
This gave a value of p of 0.?5 or approxia3.ately one, which 
corroborated the results from the ratios of the step 
heights ae well as Foley and Anderson. It must be admitted 
that any conclusions from equation 41 alone would be open 
to serious doubt, both becauae of the irreversibility that 
was evident in the exlatence of two waves of the same ox­
idation state of the metal in the same polarograme, and 
because of the short rang© of ooncentrations that the atudy 
covered, which, combined with the low degree of accuracy 
with which the half-wave potentials were measured, allowed 
only a very rough estimate of the slope and intercept of 
this line. 
Polarograms were also made of nitrate solutions of 
the ferric eulfosalicylate complex at pH 4. The ionic 
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strength was kept at one aiid the ooncentratlon of iron 
was 0.001 M.. Table 9 contains the data from this inveati-
gation. 
I'be waves at --0.4 volt were very small and only ap­
peared in two of the solutions^ ao they will he ignored 
here.. Tahle 10 shows the resultis ohtainsd "by multiplying 
the diffusion current ratio of the first two waves hy the 
sulfosalicylate eonoentration raised to the p power, after 
equation 37. In this case values of p of zero, one, and 
two were used. A p value of two may he readily eliminated 
because of the great increase of K with concentration of 
sulfosalicylate, 'Ihe value of K for p equal to 2 increased 
"by a factor of 9.9 while the sulfosalicylate concentration 
was only changing' by a factor of E.7. The ratios of the 
largest to the smallest K values for zero and one for 
values of p are respectively E.2 and 2.3, which are quite 
close together and are both reasonable values. However, 
the K values decreased with concentration of sulfosali-
cylate for p equal to sero, as might be theoretically ex­
pected for an equilibrium that was rapid enough that there 
was some interoonversion of the iona while the polarograia 
was being run, while the variation for p equal to one was 
in the opposite direction. 
This would indicate that there were no sulfosali­
cylate ions in the complex whose reduction is represented 
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TABLE 9 
Half-Wave Potentials and Diffusion Ourrents 
at Varying Concentrations of Sulfosalioylate 
at pH 4 in Kitrate Solution 
Half-Wave 
(Tss) log Potential, 
mole/l (Tss) volts vs. S.C.E. 
Diffusion 
Current, 
mioroampersfl 
0.00983 -2.007 (greater than 
-0.460 
-0.759 
-1.080 
0) 0.44 
maximum 
0.47 
0.65 
0, 020^^0 -1.690 (greater than 
-0.470 
-0.769 
-1.094 
0) 0.23 
maximum 
0.79 
0^54 
O.OiJ-080 
-1.389 (greater than 
-0.470 
-0.783 
0) 0.41 
maximum 
0.59 
-1.247 
-1.080 0.49 
0.05660 (greater than 
(-.#0.11) 
-1.0^9 
0) 0.90 
0.36 
(-1.39) 
0) 0.80 0.07790 -1.108 (greater than 
-0.133 
-1.405 
^33 
4.45 
0.097^)-0 -1.011 (greater than 
-0.163 
-1.031 
-1.389 
0) 0.66 
0.95 
0.35 
3.95 
0.20700 -0.684 (greater than 
-0.163 
0) 0.64 
1.58 
0.467-
-0.394 0.33 
0.3^00 (greater than 
-0.163 
-o.4oo 
-1.409 
0) 0.56 
1.80 
0.25 
4.84 
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Tdj the wave at -0.16 volt. At least there were no more 
3ulfosalicylate ions in this complex than there were in 
the complex Ion reduced at 0 volt. This would agree with 
the half-wave j^otential dependence on concentration of 
Bulfosalicylate which seemed to be xero, at least at con­
centrations of this ion above 0.1 M, This indicated 
that there was the same number of sulfosalicylate ions 
TABLE 10 
Calculated K (equation 39) Valuea 
for nitrate electrolyte at pH 4. 
(TSS) 
mole/1 K(p=:0) K(p=l) K(p=8) 
0.0779 0.602 0.0469 0.00365 
0.0974 0.694 0.0656 0.00639 
0.2070 0.405 0.0830 Q.01736 
0.3410 0.311 0.1061 0.03620 
in the ferric complex as in the ferrous complex. As 
mentioned elsewhere in this paper, the ferrous complex 
seemed to contain no aulfosalioylate ions. These oon-
elusions from half-wave potential measurements of course 
were subject to gross error "because of the irreversibility 
as shown by the two waves for the same oxidation state. 
However it agrees with the diffusion current calculations. 
Neither of these methods gave unequivocal Indioatione 
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as to the nature of this oomplex. 
The wave at ^ 0.75 volt, which appeared only in 
polarograme of eolations with the lowest ooncentratione 
of sulfosalioylate, evidently represented the reduction 
of the ferric oomplex with the doubly ionized aulfosal-
icylate, even though the half-wave potential was about 
0,1 volt more negative than expected at this pH range. 
The equation best fitting the relationship of the half-
wave potential to the ooncentration of sulfosalloylate 
was". 
» -O.ass - 0.0363 log (Tss) (44) 
The p value calculated from this wae 0.6 or about on© 
sulfosalicylate per complex ion. "Phis did not at all 
agree with the value of three obtained from the varia­
tion of half-wave potential with concentration of sulfo-
salicylate at pH 9 in perchlorate supporting electrolyte. 
However In the rather complete study of the dependence 
of half-wave potential on pH in the presence of sulfate 
as supporting electrolyte reported in the present section, 
it was found that there was a sharp change in slope for 
the half-wave poterxtiol pH curve at a pH of 8, indioatlng 
a change in ionic apecies of the complex at thie point. 
The complex ion had one leas hydroxyl ion below pH 8, and 
could very well also have had fewer sulfosalicylate ions. 
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Also the validity of any oonolusions from the half-wave 
potential salfosalicylate oonoentration relationship from 
the data on this wave in Table 9 was made very doubtful 
by the irreversibility of this wave under these conditions 
as shown by the presence of two waves of the same oxidation 
state, This irreversibility might also account for the 
half-wave potential being more negative than e3q)ected. 
'iSiQ range of sulfosalicylate concentrations in which the 
wave waa observable also quite short, with only about 
a four-fold change in concentration where there should be 
at least a change by a factor of ten. The appearance of 
this wave only at low concentrations of eulfosalicylate, 
while the wave at -0.16 volt appears only at high concen­
trations was not explainable from apparent compoeitiona 
of the complex ions. 
The unidentified wave at -1«0 volt had a half-wave 
poten' al sulfosalicylate concentration relationship of 
« -1,003 0.G46B log (Tss) (45) 
This would indicate a first degree dependence of the re­
duction of the unknown species on pH if it required one 
electron per ion for reduction. 
The ferroue wave at -1.4 volts appeared only at high 
concentrations of sulfosalicylate. The relationship be­
tween sulfosalicylate concentration and half-wave 
8X 
potential for this wave was; 
« -1.415 0.0167 log (Tas) (46) 
This gave a oalcalated value for p of 0.565. This was 
rather inooncluaive j, probably indioating one hydroxyl ion 
per iron. Again it laast be emphasized that ferrous re­
ductions are almost invariably irreversible, ao there was 
little aignifloance to equation 44, 
The half-wave potentials of the chloride solutions 
in Table 4 agreed very well with those for the perchlorate 
solutions. The greatest differences were in the ferrous 
wave, in which the chloride solutions gave waves that were 
27 millivolts saore negative at pH 4 and 11 millivolt® more 
negative at pH 9. Also the diffusion currents agreed quite 
well, except for the much larger wave for chloride solu­
tions at -.1.7 volts. 
Polarograms were made of solutions with varying sulfo-
salicylate concentration at pH 9 in chloride medium, the 
data from which were listed in Table 11. The ionic strength 
of these solutions was 2 + 0,1, the iron concentration was 
10"'^ M, and the total borate concentration of these aolu-
tlons was 0.5 M. 
The half-wave potential eulfosalicylate concentration 
equation of the wave for the reduction of ferric ions to 
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ferrous ions, as deteinmined fey the method of least 
squares wais as follows; 
» -0.862 - 0.1529 log (Tss) (47) 
This agreed well with equation S6, which was the correspond­
ing equation for polarograms of solutions under similar con­
ditions except that perchlorate was the eapporting electro­
lyte. In the present case the slope was a little less 
steep, giving' a caloulatecl value for p of 2.6 as compared 
to 2.8 for the perchlorate flolutions. Thus the presence 
TABLE U 
Half-Wave Potentials and Diffusion Currents 
at pH 9 for Various Gonoentrationa of Sulfosalicylate 
in Sodium Chloride Supporting Electrolyte 
Log Half-^ave Diffusion 
(Tss) Potential, Current, 
iHole/l volts Vs. S.u.S, microampere 
0.01009 -1.996 —0»550 0.264 
—1•443 0.412 
0.01971 -1.708 -0.611 0.256 
I.1.452 0.358 
0.0485 -1.314 -0.652 0.758 
—1.468 0.308 
0.0999 -1.000 -0.717 0.258 
-1.517 0.442 
0.3130 -0.504 -0.780 0.174 
-1.555 0.537 
0.5180 -0.286 -1.613 0.488 
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of three more solfosalicylate ions in the ferrio complex 
than in the ferrous ion was confiriaed. 
The only other wave appearing in these solutions was 
the w&v© for the reduction of ferrous ion to the met&l 
that appeared at -1.4 volts. Ihe half-wave potential 
sulfosalieylate conoentration equation, v/hioh has little 
meaning toecause of irreversibility, xms oaloulated by the 
least squares method to be as follows: 
- -1.616 - 0.0952 log CTSS) (48) 
'JHiia gave a oaloulated p/n value of 1,6 indicating, if the 
results were reliable, that the ferrous complex ion eon-, 
tained three sulfosalicylate i€?ns. fhis of course was 
contrary to all the other evidence. 
The results obtained with sulfate supoorting electro­
lyte in Table 4 were appreciably different from those for 
perchlorate, especially for the wave at pH 9 representing 
the reduction of the ferrio complex to the ferrous state. 
In this cacro the half-wave potential was 59 millivolts 
more positive for the sulfate oupoorting electrolyte, in-
dioating soaipetitlon between sulfo salicylate and sulfate 
as completing agents. 
In Table 12 were recorded the data of an extensive 
atUw^,' of the variation of half-wave potential and diffusion 
TABLE 12 
IjH •viu''laulun oS Potential 
and Diffusion Current in sodiam ^iulfat© 
fMpp o rt i n g t:i e ct ro 1 yt; e 
pH 
Hal f-'feve 
.''0 tentlal, 
vtJlts j:a* £>*C.F;, 
2.37 
£. 53 
2.55 
2,92 
2.94 
4.00 
4.15 
4:. 59 
4.93 
5.55 
5.59 
e.oo 
6.50 
7,2Z 
8.07 
8.66 
-0.Q74 
«Q.03S 
-0.052 
-0.006 
0.012 
(greater than 0) 
(-1.06) 
(«.1,4 ) 
(greater than 0) 
(«i.3a) 
0^.066 
-1.396 
(-0.4 ) 
-1,413 
-0.44S 
-1.124 
-1.420 
(-0.4 
(-1.14) 
-.1.414 
—0 • 4;0S 
-i.ias 
«»1.42S 
-0.444 
—l•134 
-1.469 
-0.44B 
-1.1151 
-1.4256 
—0.47S 
-1.130 
-1.464 
-0.805 
-1.142 
-1.440 
(-1.' 
Diffusion 
Carrent, 
©lorosffiper@fl 
0.79S 
0.296 
0.607 
0.600 
0.406 
0.360 
0.466 
0.408 
l.i 
1.029 
0.140 
0.194 
O.i 
0.680 
0.174 
0.189 
0.488 
0.177 
0.189 
0.999 
0.261 
0.117 
0.816 
0.159 
0.219 
0.8B6 
0.186 
0.222 
0.976 
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TABLE 12 
(continued) 
Half-Wave Diffusion 
pH Potential J, Ourrent, 
?oltg vs. 3»e.E, mioroaraperes 
9.21 -^0.555 0.17^ 
-1.129 0.290 
0.840 
(-1.7^) 
9.55 -0.570 0.150 
-1,151 0.136 
-1.^55 0.910 
-1.7^7 0,V4-9 
10.12 -0.630 0.180 
-l.W G.162 
-1.460 0.771 
-1.7^^3 0.151 
11.35 -0.712 0.198 
-i.139 0.106 
0.il'59 
-1.7% 0.35^ 
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current with pH in the presence of sulfate as supporting 
electrolyte. 
In this study the two hundred fifty inilliliter ca­
pacity polarographic cell was used. The dropping electrode 
chsalrer was filled with a solution that was 0,200 ti in 
sodium sulfate, 0.01044 H in sulfosalicylic acid, and 
O.Qf^OS M in ferric ion. After thirty lainutes of flushing 
Tsfith nitrogen, a polarogram was made of this solution. 
Then a email amount of 0^570 M sodium hydroxide, previously 
flushed with nitrogen, was added through the stopper by 
means of a mioroburet. After the solution in the dropping 
electrode chamber had been flushed with nitrogen for 
about a minute to insure thorough mixing, another polaro­
gram was made, and the pH determined with a Beclsinian model 
Gr pH meter by raeans of electrodes set in the rubber stop­
per. Polarograms were made of this solution over a pH 
range 2.3 to 11.3 by addition of eucoesslfve increments of 
sodium hydroxide in this manner, 
Ae shown in. Table 12, five distinct waves appeared in 
these polarograms at various pH values. The ranges of 
their half-wave potentials with respect to the saturated 
osdomel electrode were as follows: greater than -0.058 
volt, -0.406 to -0.712 volt, -1.124 to -1.182 volto, ..1.396 
to -1.492 volts, and -1.727 to -1.745 volts. 
88,89 
Below pH 4 only the wave at about 0 volt was present. 
This was the wave for the reduction of the one to one com­
plex ion of ferric ion with singly ionized eulfosalicylic 
acid, corresponding to the similar waves observed in per-
chlorate and chloride solutions. Very little could be 
done with this wave, as in all cases the wave began at 
potentials more positive than the saturated calomel elec­
trode. The half-wave potentials could thus be only roughly 
estimated. As in the other supporting electrolytes, the 
waves had disappeared when the pH of the solution had 
reached five. There seemed to be some tendency for the 
half-wave potential to become more positive with increasing 
pH, as would be expected under circumstances where the con­
centration of the oomplexing agent was increasing. 
The second wave, as well as the third and fourth 
waves, began to appear at pH 4.5, This wave represented 
the reduction of the complex ion of ferric ion with doubly 
ioniz^ed sulfosalicylic acid. Ihis wave had a very sharp 
change in elope at pH 8. Below this pH, the wave was near­
ly independent of pH. Above this value the half-wave po­
tentials became more negative with pH. The equations de­
termined by the least squares method for this wave in the 
two pH regions were respectively: 
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a - 0.366 - 0.0109 pH (49) 
and 
E| = 0.1281 ~ 0.0741 pH (50) 
The calculated p/n values were 0.18 and 1.25 for the 
two equations respectively. This indicated the same num­
ber of hydroxyl ions associated with the complex ion be­
low pH 8 as with the ferrous ion, and one more for the 
ferric complex above pH 8. As the ferrous ion was assumed 
to contain one hydroxyl ion, the ferrio complex ion would 
have one hydroxyl ion below pH 8 and two hydroxyl ions 
above this pH. This latter value was one less than the 
number obtained from the data on the pH study over the 
range eight to ten in perchlorate supporting electrolyte, 
as recorded in Table 1. 
The half-wave potential of the third wave was almost 
completely independent of pH, The equation determined by 
the method of least squares for this was; 
The calcjalated value of p/n for this wave was lees than 
0.02. 
The ferrous wave appeared at pH 4.5 and above, having 
been masked by the hydrogen wave at lower pH values. The 
% s - 1.151 -f 0.00104 pH (51) 
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equation obtained by the least squares method was; 
^ ^  " 1.365 - 0.0101 pH (52) 
The caloulatsd value tor p in this oase was 0.35, or ap­
proximately zero for the ferrous ion (probably the aqao 
ion.). This did not agree with the more probable value of 
one, obtained from the data in Table 1 on polarograma of 
solutions with perchlorate as supporting electrolyte, 
'fhe wave at ~1.7 volts appeared only above pH 9, 
Because only three half~wave potentials of this wave were 
obtained in the study of Table 12, no least squares de­
termination was carried out. That this wave was caused 
by the reduction of a ferrous complex ion was indicated 
by the decrease of the diffusion current of the wave at 
-1.4 volte that accompanied the increase of the diffusion 
current of the wave at -1.7 volts with pH. The fact that 
this latter wave did not appear until this high pH and 
that it increases in height with pH might indicate that 
this wave was caused by the reduction of a complex ion of 
ferrous iron, with triply ionized sulfosalicylic acid that 
waa in slow equilibrium with the aquo ferrous ion. The 
third ionization of sulfosalicylic acid first becomes 
aignificant in this pH region. The dependence of the con­
centration of the complexing agent on the pH in this region 
would be aa follows: 
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log ags « log Kg + log ajjgg + pH (53) 
where agg and ajjga were respectively the aotivltles of the 
triply and doubly ionized sulfosalicylic acid ions and 
the third ionization constant of sulfosalicylic acid, if 
the pH is leas than pKg - 1, anss is approximately oonatant 
and equal to the total sulfosalicylate (101), Under these 
circumstances log agg is proportional to pH and the slope 
of the line of the half-wave potential plotted against pH 
should be 0.0296, since n is 2 for the reduction of ferrous 
ion to the metal. The slope of the straight line through 
the first tv/o of the three experimental points obtained was 
0.032 which is in good agreement with this. As the pH in­
creases, the slope should decrease until it reaches zero 
when the pH becomes greater than about pKg + 1. The pH 
studies were not extended to high enough values to observe 
this. 
On comparison of equations 26, 27 and 37 with equa­
tions 50, 51 and 52 respectively, it was seen that in every 
case the slope for the wave in perchlorate solutions was more 
negative than that for the corresponding wave in sulfate 
solutions. The most plausible explanation for this seemed 
to be that there were complex ions formed between sulfate 
and the iron species strong enough that the slope became 
less negative because of their competition with ferric 
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sulfoaallcylate and ferroas aquo ions. Other possible 
reasons for this seemed to be inadequate. The discrep­
ancies of the slopes of the waves at -1.0 and -1.4 volts 
might possibly have been caused by differences in the 
degree of irre'Tersibility of these reductions under the 
different conditiona of the two experiments, I'hese two 
waves were definitely irreversible. However this did not 
explain the great difference in the slopes for the wave 
of the redaction of the ferric complex ion to the ferrous 
ion, which is shown in this paper to be reversible. The 
difference in the concentration of sulfosalicylate be­
tween these two experiments should cause only a difference 
in intercepts of the corresponding equations with no 
change in slope. The dilution of the complexing agent by 
the addition of the sodium hydroxide solution would be 
expected to shift half-wave potentials to more positive 
values than theoretical at high pH values, and this was 
the d'Jirection of the difference in results. However, in 
the case of the sulfate experiment, where this dilution 
occurred, the volume change of the solution was only about 
eight per cent for the highest pH, giving a maximum cor­
rection of about two millivolts, which was entirely neg­
ligible. In both cases the pH values were obtained by 
means of a model G- pH meter, the ordinary glass electrode, 
and the asbestos fiber calomel electrode. In addition, in 
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the perchlorate solutions the pH values were also oheciced 
with a Leeds and Northrup pH meter, "both with the ordinary 
calomel electrode with a bridge consisting of a small sin­
tered glass disc in the electrode wall, and also the cal­
omel electride with the ground glass sleeve for a bridge. 
If the difference were caused by the uncertainty of meas­
urement of the pH in the presence of perchlorate, there 
should have been no trend with pH. The pH values observed 
would have nearly uniformly less than the true pH values. 
Ahother possibility for the discrepancy of the slopes of 
the equations might be the change of ionic strength. In 
the titration experiment the ionic strength increased 
slightly with pH, as the sulfosallcylic acid became more 
highly charged and the ©Kcess sodium hydroxide increased. 
On the other hand in the other experiment where the borate 
buffer xiraa used, the Ionic strength would decrease some­
what with concentration if the ion forraed on ionization of 
boric acid was tetraborate instead of dihydrogen borate 
as aasuHied, aince the contribution of the former ion to 
the ionic strength was only about three-fourths of the 
latter. One would expect, however, that the effect of 
these minor variations in ionic strength would be small, 
4. Heverelbility idLMi&a. 
According to Stackelberg and Freyhold (42) and 
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SoEichay and Paucherre (45) the only reliable test for 
reversibility is the coincidenoe of the anodic and 
oathodie waves of the system in question. The criterion 
used by K'olthoff and Lingane (45, p. 154) was that the 
elope of the straight line obtained by plotting the po­
tential at any given point on the polarographic wave 
againet l/i^-i should be equal to -0.0591/n-ra at 25® C. 
This relationship is readily seen from equation 10 and 
the text immediately following. The equation for the 
variation of the potential at the dropping electrode with 
current becomes; 
IS ^0.0691 log i (54) 
n-m i^-i 
Kolthoff and Lingane stated that if the reduction was ir­
reversible the plot may or may not give a straight line^ 
but if it does, the slope will differ from the theoretical. 
This has been disputed by Staokelberg and Freyhold, who 
have shown that in some oases of irreversibility the 
theoretical slope of this line has been obtained. However 
it may be still used as an indication, if not as an in-
fallible test, of reversibility. 
Tomes (40) has derived from this a rapid test for 
reversibility that was used generally in this present work. 
At points on the wave corresponding to one-fourth and 
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three-fourths of the diffusion current the quantity 
i/ijj^-i hecom^s 1/3 and Z respectively. Substituting these 
values into equation 52, and taJcing the difference of the 
two equations obtained gives the following equation: 
®5/4 "• - - Q'Q591 log 9 or 0.0564/n-ia (55) 
* n-m 
By this test the waves for the reduction of the ferric 
complex ion to the ferrous ion was reversible, except at 
the extreme concentration liisits, but the waves for the re­
duction of ferrous ions to metallic iron, as well as the 
wave occarriftg at -1.0 volt were irreversible. That this 
test is not entirely reliable as indicated by the fact 
that the waves for ferric redtietion in acid solution parsed 
the test, even though irreversibility was shown by the fact 
tha;t there was more than one wave for the reduction of the 
diffei'snt ions of the same oxidation state. 
In order to be certain of the reversibility of the 
reduction of the ferrio-sulfosalicylate complex ion to the 
ferrous species in alkaline solutions, it was necessary to 
obtain polarograme of both the anodic and cathodic wave of 
this couple. This required special precautions because of 
the very rapid air oxidation of the ferrous ion in the 
presence of sulfoaalicylate in alkaline solutions. The two 
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hundred fifty milliliter capacity cell was almost 
completely filled with a solution that was 0.0005 M in 
iron, 0.155 M. in sodium sulfate, 0,0104 M in sulfosali­
cylate, and 0.35 K in total borate conoentraticn, with 
ionic strength 0.6 and pH 9.02. The aolution in the cell 
was flushed for thirty minutes with nitrogen, after which 
the polarogram of the solution was made. This polarogram 
contained only the cathodic ifave of the ferric-ferrous 
couple and the wave of the redaction of ferrous ion to 
metal, lb the solution in the cell was then added 1,5 
milliliters of a feri^ous perchlorate solution that was 
afeout 0.08 M in ferrous ion. After the solution had been 
bubbled X'jith nitrogen again for about two minutes, another 
polarogram was mads. This contained both the anodic and 
the oathodio waves of the ferric-ferrous couple, as well 
as a very large wave for the reduction of ferrous ion to 
metallic iron. These polarograras were reproduced in 
Figure 1. It can readily be seen that the ferric-ferrous 
couple is reversible under these conditions. The cathodic 
wave is a continuation of the anodic wave, with no level­
ing off between the two waves. The half-wave potential 
of the composite wave is only slightly displaced from 
that of the cathodic wave alone. 
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15 -1.0 -0.5 
njtential us Soturated Colomel Cleclrode, volts 
Fig. I—Proof of ceversibility of Ferric-Ferrous eoupis In Alkaline solution. 
Curve I — Polorogram of solution containing ferric Ion, but negligible ferrous ion. 
Curve 2— PoioroQrom of solution from Curve I «ith ferrous ion oddcd, 
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5, Maximum aut?T:>ression 
A small maximum was observed folloxiring the first 
wave in alkaline solutions of ferrio-sulfosalicylate 
complex. This maxlmuia interfered with the measurement 
of half-wave potential and diffusion current for this 
wave at higher pH values. Buckley and Taylor have rec-
commended 0,01^ gelatin as a maximum suppressor for most 
metal ions, and state that there la no observed reduction 
of diffusion currents at ordinary concentrations of metal 
ions (106). Concentrations of 0.001 to 0.02^ gelatin 
vifere tried. The gelatin seemed to be more effective in 
reducing the diffusion currents than suppressing maxima 
in this case. In 0.01/^ solution the ferric wave was 
entirely disappeared, and in 0.02^ solution there are no 
waves at all. Even at the lowest concentrations of gel­
atin some reduction of the diffusion current was observed, 
with practically no selective suppression of the maximum. 
Kolthoff and Lingane (43, p. 117) quoted Heyroveky 
(107) as saying that the Schulze-Hardy rule applies to 
maximum suporeseion, in that cations of highest charge are 
most effective in suppression of negative maxima, i,. e,., 
maxima with potentials more negative than the potential 
of the eleotrocaplllary maximum or about -0,6 volt vs. 
the saturated calomel electrode. Lanthanum was found to 
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be ten thousand times as effective as potassium ion for 
suppression of this type of maxima. Since the maximum 
in the present case occurs at about -0.75 volt, lanthanum 
was tried, but with no appreciable effect. 
6. Ionization constants of sulfosalioylic acid 
a, PotentioHietric titration - Titration of sulfo­
salioylic acid with standard sodium hydroxide with a pH 
meter gave no breaX at all before two equivalents of alkali 
had been added. At two equivalents, a break exactly like 
that of a moderately strong monobasic acid vias observed. 
Wo break was found for the phenolic group. This titration 
curve has since been confirmed by Meek {88). The first 
two ionizations seem to be almost as strong as those of 
sulfuric acid. The ionization of the phenolic group must 
be less than 10*"^^. Osaka's rule can not be used accurately 
here, as there is no distinction between the first and 
second ionizations. However, if it may be assumed that 
half of the first ionization has occurred and none of the 
second after addition of one-half equivalent of alkali, a 
rough estimate of the first constant may be obtained by 
assuming that it is equal to the hydrogen Ion concentration 
at this point. An estimate may be made of the second con­
stant by similar assumptions for the point in the curve 
where one and one-half equivalents had been added. The 
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constants caloalated in this manner are 0.02 and 0.004 
in a solution about 0.05 inolar in this aoid. Actually, 
the sulfonic group is probably muoh stronger than the 
first ionization would indicate, and is essentially com­
pletely ionized up to very concentrated solutions of the 
acid. loniG strength vraa not considered in thie titra­
tion, and it is likely that the first ionization seems 
to be weaker because of interionic attraction. 
b. Soectrophotometrio method - Meek (88) reported 
that the absorbancy of sulfosalioylic aoid is constant 
over a range of 4.5 to 9.5 in solutions of ionic strength 
0,1 at 317.0 millimicronv^. Outside these pH limits the 
absorbancy increases, indicating changes in ionic species 
in this region. He suggested that the spectrophotometrie 
method of Grouthamel, Meek, Martin, and Banks (108) might 
be used for the determination of the second and third con­
stants of sulfosalioylic aoid. In the present work the 
author v/as concerned only with the second ionization con­
stant, as in the pH range of interest here only the raono-
and divalent ions exist in appreciable quantities. Also, 
a complete study necessary to establish the thermodynamic 
constant was not made. The constant obtained here is in 
terms of hydrogen ion activity and the concentrations of 
singly and doubly ionized sulfosalioylic aoid at ionic 
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strength 0.1 and 25®. This of course is strictly ap-
plioalDle at this ionic strength only. 
Solutions were prepared that x^rere 0.1 molar in per­
chloric acid and 0.006 molar in sulfoaalicylic acid with 
enough sodium hydroxide added to bring the pH to the de­
sired values. Table 13 and Figure 2 show the results 
of abaorbancy measuremerits of these solutions at 317.0 
ciilllmicrons, The abaorbancy is essentially constant 
at 0.425 at pH values above 4. At pH 1, the minimum pH 
possible at this ionic strength, the absorbanoy curve had 
not leveled off completely. It was assiiined that in con­
centrated acid solutions all of the sulfoseJ.icyllc acid 
a:ABLE 15 
Absorbancies of 0.006 M, Salfosalicylic Acid at 
Ionic Strength 0.1 and 317.0 Millimlorons 
pH Absorbanoy Average Abeorbancy 
0.97 0.917,0.918,0.919,0.918 0.918 
2.12 0.776,0.779,0.780,0.780 0.779 
3.08 0.533,0.536,0.538,0.538 0.536 
3.90 0.447,0.449 0.448 
6.10 0.424,0.425 0.425 
was in the singly ionized state, and the abaorbancy would 
therefore be independent of ionic strength. To determine 
1.0 
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Fig.2--Absorbancy of sulfosQlicylic acid with varying pH. Sulfosalicylic Acid,6X10"^M., 
jti"OSO, O.fiyiHCIO^ adjusted to desired pH «?!th NoOH, 25®C. Absorboncies 
ftieosured on Beckman D.U» spectrophotometer, Xs3!7.0miij bond width 0.97m/i, 
c Observed points n Ga'eaSatsd points for Kg - 3.23 KIO""^  {pH 2^.491 
X Poififs eQleulQttd for 3.23and + for 3.E3X !0""^  , 
-2 
K« S Qh'*'C^ 6^ 3 ) 
(CeHgOHCOgHSOp 
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the absortoancy of the pure singly ionized sulfosall-
cylate, perchloric acid was added to ,0.006 M aulfosal-
icylio acid., giving perchloric acid ooncentrationa up 
to 5 molar. The abeorbanoies did not exhibit a trend 
either to lncree,s© or decrease in this range, and the 
average value for the abaorbanoy of 0.006 M salfosali­
cylic acid for radiation of wavelength of 317.0 millinii-. 
crons was found to be 0.941, 
From this and the data obtained at ionic strength 
0.1, the best fitting curve was found when the second 
ionization constant waa taken as 3.23 x lO""^. This is 
in remarkably good agreement with the potentioraetrio 
estimate reported in the previous section. The curve 
drawn is the theoretical curve for this value of ioniza­
tion constant. The plus signs above and crosses below 
this curve Illustrate the position of the curve if the 
ionization constant was one-tenth and ten times as 
large respectively. 
7. Potentioinetrlc pH atudy 
The pH dependence of the ferric-sulfosalicylate 
complex at pH 9, as determined polarographically, waa 
verified by a titration of 0.315 millloioles of feri-ic 
aoetylacetonate in the preaonce of six tlniee that number 
of milllnioles of aulfoaalicylic acid with 0.1265 1>I sodium 
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hydroxide solution. The titration ctirve for these data 
is foand in Figure 3. The vertical line of this figure 
was the calculated evqaivalenoe point, assuming double 
ionization of aulfoBalioylic acid, no ionization of 
acetylacetone, and three hydroxyl ions per ferric com-. 
plex ion. It ia readily seen that this fell at the 
stespest part of the curve, thus verifying the nuuiber 
three for the hydroxyl ions in the complex ion. 
Up to pH 4 the slope gradually increased, following 
cloasly the curve for the titration of sulfo.salicylic 
acid alone. At this pH the curve deviated from the titra­
tion curve of the acid. In contrast to the steep rise of 
the latter from pH 4 to 10, the slope of this wave de­
creased again, and the steep rise did not occur until 
after another 2.5 milliliters of the sodium hydroxide 
solution had been added. This evidently means that up to 
pH 4 the complex ion contained only two hydroxyl ions, 
but at that pH the third one began to enter the complex. 
The 2.5 inilliliters of alkali added froiii p'H 4 to the 
point where the curve is the steepest was juat the amount 
required for one additional hydroxyl ion per complex ion. 
The slope began to decrease very sharply again at pH 8, 
instead of rising rapidly to pH 10 before leveling off. 
This decrease in slope is easily seen to be caused by the 
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ionization of t'ae aoetyiacetone at this high pH. A 
sample of the acetylacetone was titrated with aodiuia 
hydroxide of this same conoentration, and it -sjas found 
that it required 4.3 millilitera of the 0.1265 ii sodium 
hydroxide solution to oring the pH of the same aiaoant 
of aoetylacetone from 7 to 9, which is reasonably close 
to the 2,2 required in Figure 3 to go frooi pK 7 to 9, 
It is thus seen that at pH 9 the polarographio and 
potentiometrio data agree on three as the nuiuber of hy-
droxyl ions associated with the ferric sulfosalicylate 
complex at pH 9. 
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VII. SUMMARY AND CONGLUSIONS 
The sulfosalicylate complexes of iron in aqaeoue 
eolation were studied polarographically hy means of the 
half-wave potential method. In the pH range 8 to 11 a 
ferric complex with doubly ionized sulfosalicylic acid 
was found that was reduced to ferrous ion at half-wave 
potentials between -0.4 and -0.8 volt with respect to 
the saturated calomel electrode. This reduction was 
shown to be reversible by two different methods. From 
polarographic data it was deteriiiined that this complex 
ion contained three sulfosalicylate and three hydroxyl 
ions. The number of hydroxyl iona was confirmed by the 
potentioDietric pH study of this complex. The molar in­
stability constant was found by the polarographic method 
to be about 10"'^^ at an ionic strength of one. 
An alternative to the presence of three hydroxyl 
ions combined with iron in the complex is the ionization 
of the phenolic hydrogen of the sulfosalicylic acid when 
it enters the complex. This would allov; chelation of 
the ferric ion with the carboxylic and phenolic groups, 
Ihese two possible structures are indistinguishable by 
the polarographic and titrimetric methods, aa both require 
the same number of equivalents of hydroxyl ion for their 
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formation. They both have the same charge, also, a 
value of six %fhich saems incredibly high, except that 
this is a large ion with oonsiderable space for distriba-
tion of charge. In both structures the iron has its 
usual nuraber of six covalent bonds. The phenolic chela» 
tion has strong precedent in the highly colored complexes 
of ferric ion i^lth phenols that are characteristic of the 
latter type of compounds. However, in the present case, 
it may be seen by the titrlmetric data that this third 
ionization iiroiild have to begin below pH 3 for this struc­
ture to be valid, as by this pH all of the alkali re­
quired for the neutralization of the sulfosalicylic aoid 
has been added. It is a little difficult to believe that 
the complex at that low pH is so stable that it would 
cause a seven-fold dfeorease in the concentration of hy­
dro xyl ion necessary for this third ionisation. This 
makes the hydroxyl ion structure seem more probable in 
this case. 
In the pH range 4 to 8 evidence was found for a ferric 
complex with doubly ionized sulfosalioylate containing only 
one or two hydroxyl ions. IMs complex ion was not further 
studied. 
At pH values less than four the ferric apecies was 
reduced at 0 volt with respect to the saturated calomel 
electrode in sulfate, chloride, and perohlorate supporting 
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eleotrolsrte, so that the half-mve potential method 
could not he applied here, '^n nitrate supporting elec­
trolyte t'-TQ polarogrs.phic waves wre observed for- ferric 
specisa at rjH 4 or less, one at 0 volt and the oth&r at 
about -0.2 volt. 3oth the application of the half-fAfave 
•ootential method to the second imve and the coinparlson 
of the ra.tios of the diffusion current of ths first wave 
to that of the second at different concentrations of 
sulfosalicylate seemed to indicate that at pH 2 the com-, 
plex reduced at -0.2 volt contained one singly ionized 
sulfosalicylate ion, in agreement with the published re­
sults of other worlcerg, but that at pH 4 there was no 
sulfosalicylate in the complex ion. The first wave was 
considered to have been caused by the reduction of the 
aquo ferric ion that •^ -ras in slovr equilibrium with the coai-
plex of the second t^ave. '.rhe results obtained for the 
second wave were doubtful because of the irreversibility 
of the reduction. That this reduction of the ferric 
apecies in nitric acid was irreversible was shovm by the 
fa.ct that two waves were obtained for a single oxidation 
state of the metal. The results obtained by the diffusion 
current were not decisive. The presence of nitrate in the 
complex ion was postulated to explain the difference in 
the behavior of nitrate solutions. 
Ill 
Ko evidence was found for coaiplex formation b etween 
doubly ionized salfosalicyllc acid and ferrous ion. The 
half-wave potential of the ferrous vave was displaced 
only slightly by the addition of sulfosalicylate. This 
vave was very irreversible. At pH values below 4, at 
vhioh the singly ionised sulfosalicylic acid exists, the 
hydrogen wave was ao large that the ferrous ion redaction 
nave was masked. At pK 9 and above a small v/ave appeared 
at -1.7 volts as comoared to the potential of the known 
ferrous wave at -1.4 volts. That this wave at -1.7 volts 
tend.ed to incres.se with pH in this region might indicate 
that it is caused toy the reduction of a complex bet^reen 
ferrous iron and triply ionized BUlfosalicylats. 
An irreversible wave appeared in many of these solu­
tions at -1.0 volt. It could not be identified as a re­
duction wave of any iron species, llais wave was nearly 
independent of pH, 
The second molar ionization constant of aulfosalicylic 
acid was determined spectrophotonietrio^ lly to be 0.0032 at 
ionic strength 0.1. This was roughly corroborated by po~ 
tentiometric titration with a pH-meter. 
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VIII. SUGGSSTIOHS FOR FUTURE WORK 
In this work we were unable to study the ferrlo com­
plex with singly ionized aulfosalicylic acid by the half-
wave potential method because the wave for the reduction 
of this ion was found at potentials greater than that of 
the saturated calomel electrode. At potentials very much 
more positive than the latter, the waves are masked by a 
Very strong anodic wave caused by the dissolving of the 
mercury of the dropping electrode. {43, p. 322). It 
might be pogaible to study these waves at potentials up 
to about 0.45 volt with respect to the saturated calomel 
electrode, especially if a saturated nierourous sulfate 
reference electrode was used instead of the calomel elec­
trode. Potentials greater than this could possibly be 
studied by means of a rotating platinum microelectrode 
substituted for the dropping electrode. 
In the study of the variation of the half-wave po­
tentials with pH in sulfate solution, it was observed 
that below pH 8 the slope of the line formed by plotting 
log (Tss) against the half-wave potential was leas than 
it was above this pH. This seemed to Indicate that in 
the pH range 4 to 10 there was a complex of ferric ion 
'vfith doubly Ionized sulfosalicylic acid that had fewer 
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hydroxyl Ions than the complex ion studied in the pH 
range 8 to 11. If a buffering agent was found that was 
effective in the region of pH of 4 to 10 and that had 
negligible ooraplexing action on ferric ion, the complex 
ion in this pH range could be studied by the half-wave 
potential method. 
Ito-e second ionization constant of sulfosalicylic 
acid as determined in this work was valid only at ionic 
strength 0.1. The thermodynamic constant of this step 
could be determined by a more complete spectrophotometric 
study on the order of that carried out with periodic acid 
by Grouthamel, Meek, Martin, and Banks (108). It is 
conceivable that the third ionization constant of aulfo-
salicylic acid might also be determined in this manner. 
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